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The molecular absorption coefficients of porphine and two aliphatic ms-tetrasubstituted 
porphines and one aromatic ms-tetrasubstituted porphine, together with their corresponding 
isomers have been measured for a portion of the visible region of the spectrum. The curves 
representing the absorptions coefficient as a function of wave-length are shown. In porphine 
and the aromatic ms-tetrasubstituted porphine a displacement in the spectrum toward the red 
region and a decrease in the magnitude of the absorption coefficients was observed, when the 
two isomers were compared. The aliphatic ms-tetrasubstituted porphine showed very little shift 
in the spectrum but a large increase in the value of the absorption coefficients for the case where 
the isomerism was in the fundamental ring of porphine. The shift was small and the value of 
the absorption coefficients nearly equal when the isomerism was in the side chain in the meso- 


position. 





INTRODUCTION 


HE two nuclear isomeric configurations of 

the simpler porphyrins were indicated in a 
previous paper.? In the one configuration the 
hydrogens are linked to the nitrogen atoms in 
adjacent rings and in the other configuration the 
hydrogens are linked to the nitrogen atoms in the 
opposite rings with a rearrangement of the bonds 





‘In the previous paper we spelled “porphin,” as this was 
the form which H. Fischer had introduced into the chemical 
literature for the fundamental ring system of porphyrins 
(H. Fischer and P. Halbig, Ann. 448, 193 (1926) ]. Austin 
M. Patterson, Chairman of the American Committee and a 
member for the United States of the Committee on Organic 
Nomenclature of the International Union of Chemistry, 
recommended a change in the spelling in English to 

porphine,” the final e signifying the basic character of the 
compound. 

ueod M. Albers and H. V. Knorr, J. Chem. Phys. 4, 422 
\ Pe 


resulting. The synthesis of the two isomers of 
porphine was performed by Rothemund,*~ using 
pyrrole and formaldehyde as the reacting sub- 
stances. The porphyrin which was formed when 
the reaction was carried on at 90°C was called 
porphine and the isomer which was formed when 
the reaction was carried on at 150°C was desig- 
nated as isoporphine. The hydrochloric acid 
number® of porphine was 3.3, while that of iso- 
porphine was 0.5. Rothemund and his co-workers 


3 Paul Rothemund, J. Am. Chem. Soc. 57, 2010 (1935). 

( a Rothemund, J. Am. Chem. Soc. 58, 625-627 
1936). 

5 Paul Rothemund, J. Am. Chem. Soc. 61, 2912-2915 
(1939). 

6 According to Willstatter the hydrochloric acid number 
is defined as the percentage content of those acids that 
extract approximately 3 of the dissolved substance from an 
equal volume of etheral solution on thorough shaking. 
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Fic. 1. Absorption coefficient curves for porphine and isoporphine. Solid curve for porphine. 
Broken curve for isoporphine. Structural formula of porphine. 


have recently succeeded in synthesizing a large 
number of porphines and their isomers. Thus far 
a rather arbitrary procedure has been followed 
whereby the one isomer was called the particular 
porphine and the other called iso of the same 
porphine. Some property, such as the hydro- 
chloric acid number, suggests itself as a possible 
way of establishing a consistent nomenclature, 
until additional investigations will reveal which 
of the two possible isomeric configurations can be 
definitely assigned to the particular compound. 
This paper will be concerned with the measure- 
ments of the molecular absorption coefficients 
throughout a portion of the visible region of the 


spectrum, of ether solutions of porphine and 
isoporphine, ms-tetravanillinporphine and ms- 
tetravanillinisoporphine, ms-tetrapropylporphine 
and ms-tetrapropylisoporphine, ms-tetra-n-butyl- 
porphine and ms-tetraisobutylporphine. 


EXPERIMENTAL 


The absorption spectra of porphine and 
isoporphine were photographed on Eastman 
spectroscopic plates type I-L, the spectra of the 
remaining substances were photographed on 
Eastman No. 50 plates. A  six-volt vertical 
tungsten ribbon filament lamp was used as 4 
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Fic. 2. Absorption coefficient curves for ms-tetravanillinporphine and ms-tetravanillinisopor- 


phine. Solid curve for ms-tetravanillinporphine. Broken curve for ms-tetravanillinisoporphine. 


Structura! formula of ms-tetravanillinporphine. 
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Fic. 4. Absorption coefficient curve and structural formula of ms-tetra-n-butylporphine. 


source of continuous radiation. A rotary con- the lamp. The storage battery was trickle 
verter operated from a 120-volt storage battery charged with a motor-generator during the 
served as an a.c. supply, together with a step- operation of the lamp. 

down transformer, maintained a constant differ- The method used to obtain the data for the 
ence of potential of six volts at the terminals of calculation of the absorption coefficients was 
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Fic. 5. Absorption coefficient curve and structural formula of ms-tetraisobut ylporphine. 


previously described,? using Beer’s law in the 
form shown in Eq. (1) 


Ir/Inp=e-*, (1) 


where I7/Ip is the ratio of the transmission of 
the absorption cell filled with the solution to the 
transmission of the cell filled with the pure 
solvent, c is the concentration of the solution 
measured in moles per liter, x is the thickness of 
the cell in cm and a is the molecular absorption 
coefficient of the substance. 


DATA AND RESULTS 


Figure 1 shows the curves representing the 
absorption coefficients for porphine and _ iso- 
porphine as a function of wave-length. The 
general pattern of the spectra of the two isomers 
is similar; however, the entire spectrum of 
isoporphine is shifted approximately 8 ms 
toward the red region of the spectrum. It will 
also be observed that the absorption coefficients 
of isoporphine are considerably less than those 
of porphine. 
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Figure 2 shows the curves for ms-tetravanillin- 
porphine and ms-tetravanillinisoporphine. The 
spectra of the two isomers are similar. The 
displacement of the spectrum of ms-tetravanillin- 
isoporphine toward the longer wave-length region 
is approximately 7 my. The decrease in the value 
of the absorption coefficients for ms-tetravanillin- 
isoporphine when compared with those of ms- 
tetravanillinporphine is not as great as that 
observed for isoporphine with respect to porphine. 

Figure 3 shows the curve for ms-tetrapropyl- 
isoporphine; very little displacement in the 
spectrum is observed when compared with that 
of ms-tetrapropylporphine.? The magnitude of 
the absorption coefficients is, however, almost 
twice as great. 

Figures 4 and 5 show the curves for ms-tetra- 
n-butylporphine and ms-tetraisobutylporphine, 
the isomerism in this case being in the side chain, 
which is in the meso-substituted position, instead 
of in the fundamental porphine ring. The shift 
of the spectrum toward the red region is very 
small. The absorption coefficients of the two 
isomers are more nearly equal than in any other 
case of meso-tetrasubstituted porphyrins which 
have thus far been investigated. 

The spectra of all the simpler porphyrins and 
their corresponding isomers, which have been 
investigated, are characterized by a very intense 
absorption band in the violet region. In Table I 
are listed the porphyrins studied in this paper, 
with their respective hydrochloric acid number, 
the wave-length and the absorption coefficient 




















TABLE I. 
HypDrRo- 
CHLORIC WAVE- 
ACID LENGTH 
PORPHYRIN NUMBER (my) a 
Porphine 3.3 390 168 X103 
Isoporphine 0.5 398 55 X103 
ms-Tetravanillinporphine 1.04 414 250 X108 
ms-Tetravanillinisoporphine 0.45 421 164 X108 
ms-Tetrapropylporphine 2.3 413 175 X108 
ms-Tetrapropylisoporphine 8. 414 310 X108 
ms-Tetra-n-butylporphine a 414 242 X108 
ms-Tetraisobutylporphine 5.2 415 212 X108 
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TABLE II. 





WAVE-LENGTH 





(mp) a 
—— 
soporphine 
sini 398 55.5 10° 
498 3.60 X 108 
561 1.20 X 10° 
572 1.55 « 108 
581 1.60 10° 
ms-Tetravanillinporphine 
414 250.0 x10 
509 13.2 «10° 
548 5.5 10° 
ms-Tetravanillinisoporphine 
421 164.0 x10 
519 6.5 10 
555 4.3 xX 10° 
ear mie sem! ane 
ms- lL etrapropylisoporphine 
ieee tt 414 310.0 «10° 
484 2.8 10° 
515 11.2 x10 
ms-Tetra-n-butylporphine 
414 242.0 «10° 
517 8.3 x 10° 
552 4.5 x10 
ms-Tetraisobutylporphine 
415 212.0 «10° 
520 7.2 X108 
554 5.0 X 10° 





of this intense band. In Table II the wave- 
lengths and the absorption coefficients of the 
principal bands of the porphyrins studied in this 
paper are tabulated. 

The characteristic differences in the absorption 
spectra of porphine as well as the aromatic 
substituted porphines and their corresponding 
isomers are the shift of the spectrum toward 
the longer wave-length region, and a large 
decrease in the magnitude of the absorption 
coefficients. For the aliphatic substituted por- 
phines the wave-length shift is slight and the 
value of the absorption coefficients is increased 
when the isomerism is in the fundamental 
porphine ring. When the isomerism is in the side 
chain, the absorption spectra are practically 
identical, the position of the bands is approxi- 
mately the same and the values of the absorption 
coefficients are nearly equal. 
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Spectroscopic Evidence for Hydrogen Bonds: Comparison of Proton-Attracting 


Properties of Liquids. ITI. 


WALTER GorDy* AND SPENCER C. STANFORD{ 
Mendenhall Laboratory of Physics, Ohio State University, Columbus, Ohio 


(Received December 28, 1940) 


This is the third paper of a series in which the proton-attracting powers of different liquids 
are compared by a measurement of the perturbation they produce on the OD vibrational band 
of CH;OD. Data showing the absorption of the OD group of CH;OD in seventy-seven dif- 
ferent solvents are given in the present paper, in a table listing positions of the band and 
shifts from the position of the unperturbed OD absorption band. Ketones, aldehydes, organic 
and inorganic esters, ethers, nitriles, amines, glycols, amides and a few other types of com- 
pounds were studied. Many interesting variations due to differences in structure were detected. 
With certain exceptions a linear relation was found to exist between the logarithms of the 
basicity constants of the solvents as measured in water solution and the shifts they cause in 
the OD band. A close correlation was observed between the effects of these solvents on the OD 
band of heavy methyl alcohol and their solubilities and heats of mixing with certain other com- 
pounds. No correlation was evident between the absorption data and the dielectric constants 
and dipole moments of the solvents. A relationship was found to exist between the proton- 
acceptor power of a given atom and the electro-negativities of the atoms adjacent to it in 








the molecule. 





HE present paper is a continuation of 

the series! in which the proton-attracting 
powers of liquids are compared by measurement 
of the relative strengths of the hydrogen bonds 
which the liquids form with a common proton- or 
deuterium-donor. It was found more practical to 
study deuterium bonds than those of ordinary 
hydrogen, for in this way the band of the solute 
under measurement occurs in a region where few 
solvents absorb appreciably. Heavy methyl 
alcohol was used as a deuterium-donor because of 
its high solubility in an unusually large number 
of liquids. Since ability to form hydrogen bonds 
seems to depend upon the tendency of a liquid to 
share an electron-pair, this method’ offers a 
direct and convenient means of estimating this 
highly significant chemical property of molecules. 
The data were found to correlate closely with 
such important properties as ionization constants 
and solubilities. A complete absence of correlation 
between the proton-attracting properties of these 
liquids and their dipole moments indicates that 
the hydrogen bond is not due wholly to the 
attraction of dipoles, that the proton must 


* Present address: Department of Physics, Mary Hardin- 
Baylor College, Belton, Texas. 

+ Present address: Department of Chemistry, Union 
College, Schenectady, New York. 

1W. Gordy, J. Chem. Phys. 7, 93 (1937); W. Gordy 
and S. C. Stanford, J. Chem. Phys. 8, 170 (1940). 
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interact with the electron-pair or cloud on the 
acceptor-atom. Only liquids containing electro- 
negative atoms such as nitrogen or oxygen with 
unshared electron-pairs were found to be proton- 
acceptors. In the present paper the work is 
extended to include many new compounds, and a 
further check is made upon the relations previ- 
ously found. 


EXPERIMENTAL TECHNIQUE 


The experimental technique is the same as that 
used before! and will not be described here. The 
OD vibrational band occurs at 4y in the liquid 
CH;0D and at 3.734 in the monomolecular 
CH;0D in dilute benzene solution. The forma- 
tion of hydrogen bonds shifts the monomolecular 
band to lower frequencies, or longer wave- 
lengths. The stronger the proton-attracting power 
of a liquid, the greater is the shift which it 
produces on the OD band. By measurement of 
the perturbations of the band, estimates of the 
strengths of the bonds are obtained. 

For most of the liquids it was found that, as 
before, one molar solutions were most satisfactory, 
although it seemed advisable to increase the 
thickness of the cell to 0.016 cm. The effective 
slit width of the instrument for the band under 
observation was 0.02y. Certainly for most of the 
cases studied an instrument of higher resolution 
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EVIDENCE 


would offer no advantage. The broadness and 
intensity of the OD band together with the 
unsymmetrical background absorption of the 
solvents are the factors which limit the accuracy 
of the measured positions of the band centers. 
Because this background absorption as well as 
the width and intensity of the OD band depends 
upon the solvent, the probable error in the 
recorded position varies from solvent to solvent. 
For most of those studied we believe that the 
error in the measured shifts is not more than 
0.024. The results are probably least accurate for 
the aliphatic amines. By measurement of the 
band several times in different concentrations 
and with different cell thicknesses the probable 
error can be reduced very considerably. Instead 
of following this procedure, however, we have 
chosen to study a great number of compounds in 
a given class of solvents, using in general the 
same concentration and cell thickness. We made 
several measurements of the same solvent only 
when its behavior appeared to be anomalous. 
Later it may prove worth while to make more 
intensive measurements for certain other cases. 
The transmission curves, because they are of the 
same general type as those published in previous 
papers, are not given. 


DISCUSSION OF RESULTS 


Ketones 


A total of twenty-five ketones have now been 
studied. All were found to affect markedly the 
OD band of CH;OD. The shifts produced in the 
band are listed in Table I. Of the twenty-five, 
nine were ordinary straight or branched-chain 
aliphatic ketones. The average shift produced by 
the nine was 0.120u. None of the nine varied 
from this average by more than 0.02u, and only 
one by more than 0.01y. In view of the experi- 
mental difficulties, little significance can be 
attached to these small variations. From the 
results we can only conclude that whatever the 
effects on the electron-donor power of the ketone 
oxygen made by increasing the length of the 
carbon chain, they are not large. 

Among the saturated cyclic ketones there are 
significant variations. Six of this class were 
observed. As a group they seem to differ from the 
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open-chain compounds. The average shift which 
they produced in the OD band was 0.147y. The 
smallest was for cyclopentanone (shift 0.124) and 
the greatest, for cyclohexanone (shift 0.17,). 
That cyclohexanone is much more soluble in 
water and in alcohol than are cyclopentanone and 
cycloheptanone is ‘no doubt due largely to its 
greater tendency to accept protons in hydrogen 
bond formation. Professor P. D. Bartlett has in- 
formed us that he has found cyclohexanone to 
have a higher velocity constant for semicarbizone 
formation than have cyclopentanone, cyclo- 
heptanone and cycloéctanone. The behavior of 
A’ cyclohexenone is rather interesting. For most 
of the cases which we studied the presence of a 
double bond between carbons in the molecules 
tends to decrease the electron-donor power of the 
oxygen to which hydrogen bonding occurs. For 
A® cyclohexenone (shift 0.224) this order is 
reversed. 

For the three aromatic ketones studied, the 
average shift produced was 0.110u. This is 
slightly less than the average for the aliphatic 
ketones, and is in agreement with infra-red 
observations! made on other classes of solvents 
and with other types of data* * showing that the 
effect of the phenyl group in a molecule is to 
decrease electron-donor power. 

The substitution of a halogen for a hydrogen 
atom in an acid molecule enhances acid strength.* 
Conversely, a similar substitution would decrease 
the strength of a base. This effect is markedly 
revealed by the difference in the shifts of the OD 
band produced by acetone and chloroacetone : 


+4 H O H 
L id I io 
oi ties tee Cl-C-C-C-H 
| | | 


H H H H 
shift 0.144 shift 0.084 


Diacetyl and acetonyl acetone, with two 
carbonyl groups, were included in the study. No 
significant differences were noted between the 
shifts produced by these and the shifts produced 
by similar ketones containing only one C=O 


2M. J. Copley, G. F. Zellhoefer and C. S. Marvel, J. 
Am. Chem. Soc. 60, 1337 (1938); 60, 2666 (1938); 62, 227 
(1940); 61, 2550 (1939). 

3 J. F. J. Dippy, Chem. Rev. 55, No. 2, 151 (1939). 
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TABLE I. CH;0D solutions.+ 
























































































































































SuirT FROM Suirr FRoM 
Mono- Mono- 
MOLECULAR MOLECULAR 
Position BAND IN PosiTI0oN BAND IN 
OF BENZENE or OD BENZENE 
Bann SoLvTION Banp SoLuTion 
SOLVENT em) Ap Av SOLVENT w jem) Ap Av 
*Benzene CoH 3.73 | 2681 
Pure liquid CH;30D 4.01 | 2494) 0.28 | 187 Organic Esters—Continued 
Ni Tso-amyl pro jionate -  epaeamesasaaas Jo | 3.85 | 2597) 0.12 84 
pie Cangounts “Diethyl oxalate (COC ** | 3:82 | 2618} 0.09 | 63 
= ~~ neal CscOCH-CH.OOCH 382 | 2618] 0.00 | 63 
*Nitrobenzene CcHsNO2 3.77 | 2653| 0.04 | 28 | *Furfu . : 
*o-Nitrotoluene CHsCHHLNO: 3.80 | 2632) 0.07 | 49 Ethyl faorate (CABO) a Sia au | 
-Ni 9 7 e « le 
m-Nitrotoluene CHsCeHsNO2 3.80 | 2632) 0.07 49 *Methyl benzoate CaHCOsCHs 3.82 | 2618! 0.09 63 
*Benzy! benzoate CseH;sCO2CH2CeH; 3.82 | 2618| 0.09 63 
*n-Butyl pthalate CeHs(CO2C4Hs)2 3.82 | 2618) 0.09 63 
Ketones 
Inorganic Esters 
—— fh other Ketone CH3COC2H; ae a er | 
‘ 0.14 9 ‘ 
icone CICH:COCHS 3.81 | 2624) 0.08 | 57 Ethyl nitrate CozHsONO2 : 3.76 | 2659| 0.03 | 22 
Diethyl ketone (C2H;)2CO 3.84 | 2604! 0.11 17 n-Butyl nitrite CHs(CH2)2CH2ONO _ 3.94 | 2538) 0.21 | 143 
Diacetyl CHsCOCOC 3.86 | 2591| 0.13 90 Iso-amy] nitrite (CH3)2CHCH:CH2ONO 3.94 | 2538} 0.21 | 143 
Acetonylacetone CHsCOCH2CH2COCH; 3.85 | 2507| 0.12 | 84 | Methyl carbonate (CH30)2CO 3.80 | 2632) 0.07 | 49 
Methyl n-butyl ketone CHs3COC4Ho 3.85 | 2597| 0.12 84 Methyl chlorocarbonate CH3CO:C1 3.78 | 2646] 0.05 35 
*Methyl iso-butyl ketone CH:COCsHs 3.84 | 2604] 0.11 | 77 Ethyl carbonate CO(OC2Hs): 3.80 | 2632) 0.07 | 49 
*Di-iso-butyl ketone (C4Ho)2C' 3.85 | 2597| 0.12 84 n-Butyl carbonate RO ‘0 3.82 | 2618] 0.09 63 
Dhe-gresst hetens Cee 3°86 | 23911 013 | 90 | Jso-butyl carbonate [(CHs)2CHCH:0] 2CO 3.82 | 2618) 0.09 | 63 
aeecel ketone ((CHs):CH] 2CO 3.85 | 2597) 0.12 | 84 | mButyl borate [CHs(CH:2)2CH20] 3B 3.96 | 2525) 0.23 | 156 
*Methy! amyl ketone C;HiCOC 3.84 | 2604! 0.11 77 Triethyl phosphate (C2H;0)3PO 3.90 | 2564) 0.17 117 
Pinacolone CHsCOC(CHs)s 3.84 | 2604} 0.11 17 *n-Butyl phosphate PO(OC,Ho)s 3.90 | 2564) 0.17 | 117 
‘Mestyl oxide (CH3)2C:CHCOCHs 3.87 | 2584] 0.14 | 97 Ethyl thiocyanate C2H;SCN 3.84 | 2604) O11 | 77 
*Acetophenone CsHsCOCHs 3.84 | 2604) 0.11 77 Ethyl iso-thiocyanate CoH;NCS 3.83 | 2611] 0.10 70 
*p-Methyl renee) emg or ge 3.84 | 2604) 0.11 77 — 
Phenyl n-propyl ketone CsHsCOC3H; 3.84 | 2604} 0.11 77 
Cyclopentanone OLED 3.85 | 2597) 0.12 | 84 Ethers 
* ; 25 - *Diethyl ether (C2Hs)20 3.92 | 2551) 0.19 | 130 
enamnece wunicoms Ve a ae “Bg'Dichloroethyl ether ( ether (CICHsCH:)20 3.85 | 2507] 0.12 
an Bo wi ethee (CHGHG HACE )O 3.90 2564 Oy iy 
; ® y n-Propyl ether 3 Y . 
2-Methylcyclohexanone eee 3.86 | 2591) 0.13 90 “ioe po 1 ether (CHs)2CH: 3.91 | 2558} 0.18 123 
Y . . oh ok ropyis her (CICH2:CH2CH2)20 = Fo 22 k 
i: A n-Butyl ether ‘ ) 
A2-Cyclohexanone : ecnmieuat ¥ 3.95 | 2532] 0.22 149 Per ieulolier [CHs(CH2)4) 20 3:89 | 25711 0.16 110 
Domethyl ethe > tyler giecol CHLOCH:CH: OCH: 380 Bf ols 110 
ethyl ether of ethylene glyco 2 3| 3. L 
Cyeloheptanone CHx(CH:).CO 3.88) 2577) 0.15 | 104 | sil ethyl ether CHs-CHCH-OC3Hs 3.89 | 2571) 0.16 | 110 
“Dibenayl ether (CCH 40 300| 2864] O47 | Lr 
FA 5 nzyl ether 2)2' f L 7 
Cyclobetanone CEis(CHs)eC0 8.88 | 2577) 0.15 | 104 | Phenyl vinyl ether CHsOCH:CH: 3.82 | 2518| 0.09 | 63 
J-Menthone CioH1s0 3.89 | 2571] 0.16 | 110 Anisole CcH:OCHs 3.83 | 2611| 0.10 | 70 
Fenchone CioHisO 3.85 | 2597) 0.12 | 84 | GNitroanisole NOsCsH,OCHs 3.80 | 2632} 0.07 | 49 
*Phenetole CoH;OCeHs 3.81 | 2624) 0.08 57 
o-Cresyl methyl ether CHsCeHsOCH; 3.90 | 2564) 0.17 | 117 
Aldehydes m-Cresyl methyl ether CHsCsH,OCHs 3.85 | 2597) 0.12 | 84 
p-Cresyl methyl ether CHsCcsH,OCH:; 3.85 | 2597) 0.12 84 
*Dioxane CH20CH2CH20CH2 3.87 | 2584) 0.14 97 
oO BtioT belopaldebe de CC MaysCHCHO 388 | 2577| Os | 104 + owners 
Hee CCH ea 3.90 2564 0.17 117 1,4-Dimethoxycyclohexane os 3.88 15 104 
Paraldehyde CeH120s 3.85 | 2597| 0.12 | 84 | *Bpichlorohydrin OCH2CHCH 3.88 | 2577} 0.15 | 104 
*Benzaldehyde CcHsCHO 3.85 | 2597] 0.12 | 84 Cyclohexylmethyl ether CatnOCH, 3.89 | 2571) 0.16 | 110 
‘m-Tolualdehyde CHsCcH.CHO 3.85 | 2597} 0.12 | 84 — - 
Foe enh de CHCH:-CHCH 0 a eet) O10 | 70 | Cineole CHC CHC 3.89 | 2571} 0.16 | 110 
*Cinnamic aldehyde CesHsCH:CHCHO 3.86 | 2591| 0.13 | 90 —_ ff “se | 
*Citral (CHa)2C:CHCH2C(CHs):CHCHO 3.88 | 2577| 0.15 | 104 |, — Hs 
oe | 
Organic Esters — 
Nitriles 
“Ethyl acetate CHsCO2C:H. 3.85 | 2507] 0.12 | 84 an 
chloroacetate CICH:CO:C:H: 3.83 | 2611) 0.10 | 70 *Acetonitrile CHsCN 3.82 | 2618) 0.09 | 63 
ie cyanoacetate NCCH2CO2C2H; 3.80 | 2632) 0.07 49 n-Butyronitrile CHsCH2CH2CN 3.84 | 2604] 0.11 77 
*Amyl acetate CH;CO:C;Hu 3.86 | 2591] 0.13 90 Valeronitrile CHs(CH2)2CH2CN 3.85 | 2597| 0.12 & 
a pyl acetate CHsCOC:HiBr 3.85 | 2597} 0.12 | 84 Caprylonitrile May aoe, ee a 3.84 | 2604) 0.11 | 77 
*Iso-amyl formate HCO2C;:Hu 3.83 | 2611) 0.10 | 70 Vinylacetonitrile HxC:CHCH2CN 3.81 | 2624) 0.08 | 57 
Methyl propionate CHsCH2CO2CH; 3.85 | 2597! 0.12 84 Adiponitrile eo a il 3.83 | 2611] 0.10 70 
n-Propyl propionate CH;CH2CO2CH2CH2CHs; 3.83 | 2611! 0.10 70 *Phenylacetonitrile CH2C 3.84 | 2 0.11 77 
Iso-propyl propionate CHsCH2CO2CH(CHs)2 3.83 | 2611] 0.10 | 70 o-Tolunitrile CHsCeHsCN 3.88 | 2577) 0.15 | 104 
n-Amyl propionate CHsCH2CO2CH2(CH2)sCH; 3.85 | 2597) 0.12 84 p-Tolunitrile CHsCeHsCN 3.84 | 2 O11 | 7 























t Solutions were 1 molar, with the o Soins yy 
* Repeated from previous papers: J 








170 (1940). 


aay 0.1 molar; ethyl nitrate, 0.5 molar; ethylene chloride and chlorobenzene, 0.2 molar. 
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TABLE I.—Continued. 











} SHIFT FROM 
Mono- 
| MOLECULAR 
PosiITION Banp IN 
or OD BENZENE 
| Banp SoLvTion 
| count sal 
SOLVENT | » jem) Ap Av 


= | 





Amines 





Tri-n-propylamine — 


m-Toluidine CHsCeHsNHe 

*Ethyl o-toluidine CHsCsHsNHC2H; 

*Methylanthranilate NHeCsHs«CO2CHs 

*Pyridine CsHsN 

Dimethyleyclohexylamine CcHuN(CHs)2 
*a-Picoline CHsCsH«N 


0.34 
*Tributylamine (C4Ho)3N 2463) 0.33 | 218 
a tor 2500) 0.27 | 181 
*Benzylamine CeH;CH 2457| 0.34 | 224 
Dimethylbenzylamine GaHLCH N(CH. 2463} 0.33 | 218 
*Dibenzylamine (CsHsCH2)2NH 2469) 0.32 | 212 
*Aniline CHHsNH2 2500) 0.27 | 181 
*o-Chloroaniline CICsHsNH2 2525) 0.23 | 156 
*m-Chloroaniline ClICsH«NH2 2519} 0.24 | 162 
Methyl aniline CcH; NHCH3 2525| 0.23 156 
*Dimethylaniline (CH3)2NCcHs 2538) 0.21 | 143 
*oToluidine CHsCeHsNH2 = 175 

.26 

0.22 


Quinoline CoH;N 2500) 0.27 | 181 
Quinaldine CHsCsHeN 2494| 0.28 | 187 
*Piperidine CH2(CH2)sNH 2439) 0.37 | 242 


*Pyrrole (CH:CH)2NH 
N-Ethyl pyrrole CsHsNC2H; 
*Nicotine CroHisNe 
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Glycols 
Ethylene glycol (CH20H)2 4.04 | 2475) 0.31 | 206 
Propylene glycol CH;CHOHCH20H 4.03 | 2481) 0.30 | 200 
Propylene chlorohydrin CH; CHOHCH:CI 3.99 | 2506] 0.26 | 175 
Miscellaneous 

Ethylene chloride CH2CICH:2C1 3.75 | 2666) 0.02 15 
Chlorobenzene CeHsCl 3.75 | 2666} 0.02 15 
n-Propyl sulfone (CsH:)2802 3.84 | 2604/ 0.11 77 
a ,N-Dimethylacetamide CHsCON(CHs)2 3.91 | 2558) 0.18 | 123 

N,N-Dimethylformamide HCON(CHs)2 3.90 | 2564| 0.17 117 
Ethylmethylketoxime C2H;(CHs)C:NOH 4.11 | 2433) 0.38 | 248 




















group. Compare acetone and diacetyl: 


O OO 
| | 





CH;—C—CH; CH;—C—C—CHs3. 
shift 0.14 shift 0.13u 
Aldehydes 


Crotonaldehyde and paraldehyde were the only 
additional aldehydes observed. Crotonaldehyde 
was included primarily for a study of unsatu- 
ration. For three open-chain saturated aldehydes 
previously studied the shifts averaged 0.163,, 
while for two unsaturated ones the shifts were 
somewhat less, 0.1404. Crotonaldehyde follows 
this latter trend, showing that the effect of 
unsaturation here is to decrease electron-donor 
power. This behavior seems not to be typical of 
unsaturation in all classes of compounds however. 





In crotonaldehyde there is a katio-enoid system : 
—C=C-C=O0 

or one in which there are conjugated double 
bonds. In such a system there are two electrical 
effects: the inductive, which tends to attract 
electrons away from the oxygen, and the 
tautomeric, which tends to make the electrons on 
the oxygen more available: 


[4 I 4 
—C=C—C=0O. 
According to our results the inductive effect is the 
stronger in this case since the shift is less than 
would be expected. Independent evidence is 
found in the ionization constants of butyric and 
crotonic acid.* If the tautomeric effect is the 
stronger, then crotonic acid would be weaker than 
butyric; actually it is stronger, showing that the 
inductive effect is the stronger. In A?-cyclo- 
hexenone, mentioned above, there is also a katio- 
enoid system. For this compound the shift was 
found to be larger than for the other ketones. If 
one could assume that in this system the 
tautomeric effect is stronger than the inductive 
effect, the larger shift could be explained. 


Organic esters 


Nineteen organic esters have now been studied. 
The average shift of the OD band produced by 
the eight normal or isomeric aliphatic esters was 
0.1144; that by the four which contain a phenyl 
group was lower, being only 0.094y. The maxi- 
mum variation from the average in both of these 
classes of esters was less than 0.02. The averages 
for both classes were slightly less than the 
averages for corresponding classes of ketones. As 
in the ketones and other compounds there seemed 
to be no measurable differences between the 
normal and the isomeric aliphatic forms. Ethylene 
glycol diacetate, which has two characteristic 
ester groups, produced a shift very nearly the 
same as the average for the aliphatic esters. The 
substitution of a cyanide group appeared to 
decrease electron-donor power. Compare ethyl- 
acetate (shift 0.124) with ethylcyanoacetate 
(shift 0.07.4). 


Inorganic esters 


Unlike the organic esters the inorganic esters 
were found to differ widely in the strength of 


*C. K. Ingold, Chem. Rev. 15, No. 2, 225 (1934). 
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hydrogen bonds which they formed with heavy 
methyl] alcohol. Thirteen of them were used, and 
their shifts varied from 0.03 for ethyl nitrate to 
0.23u for n-butyl borate. 

Five carbonates were studied, one of which was 
a chlorosubstituted carbonate. The average for 
the four was a shift of 0.080u; that for the chloro- 
substituted carbonate was less, 0.054. This be- 
havior is typical of chloro-compounds. 

The only two nitrites included, n-butyl and iso- 
amyl, produced rather large perturbations, the 
shift of the band being 0.21 in both cases. 
Contrast this with the small shift, 0.03u, for ethyl 
nitrate. In the nitrates all available electrons on 
the nitrogen are already involved in covalent 
bonds, while in the nitrites there is an unshared 
electron-pair on the nitrogen. If the nitrate 
accepts protons it must do so through unshared 
electron-pairs on its oxygens. All these oxygens 
have their electron-donor power diminished by 
the strongly electro-negative nitrogen atom to 
which they are bound. To the nitrites, with their 
unshared electron-pairs on the nitrogen, the 
bonding is much stronger. 

The two phosphates studied were found to be 
excellent electron-donors, and the one borate 
even more excellent. Compare n-butyl borate 
with n-butyl phosphate: 


C,H,»—-O C,H,—O 

‘ i 
C,H,—O-B C,H,—O-—-P=O. 
C,H,—O C,H,—O 
shift 0.23u shift 0.17u 


Considered by classes the shifts produced by 
the nitrates, carbonates, phosphates and borate 
increased in the order named. This point is dis- 
cussed more fully in the section which gives a 
comparison of shifts with other properties. 

Ethyl thiocyanate and ethyl iso-thiocyanate 
perturbed the band to about the same degree, 
0.114 and 0.12y, the shifts being near those of the 
organic esters. 


Ethers 

Rather large variations in proton-attracting 
power were found among the twenty-five ethers 
studied. Yet among the seven ordinary unsatu- 
rated open-chain ethers only one varied more 
than 0.01, from their average shift of 0.170u. Ac- 
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cording to a comparison of this average with that 
for similar classes of organic esters and ketones, 
ethers in general appear to be stronger proton- 
attractors than either esters or ketones. 

There were four saturated, unsubstituted 
cyclic ethers, and the shifts produced by them 
were consistently but not markedly less than 
those for the open-chain ethers, the average shift 
for the group being 0.152y. 

Substitution of a halogen in the ethers pro- 
duced a very marked effect. This was pointed out 
in an earlier paper! by a comparison of the small 
shift for 8,8’-dichloroethylether (0.12) with that 
for diethylether (0.194). Additional confirmation 
of this effect was obtained in the small shift for 
y,y'-dichloropropylether (0.124) as compared 
with that for dipropylether (0.17,). 

In previous work phenetole was found to pro- 
duce a small shift (0.08) in comparison with that 
for the aliphatic ethers. Further evidence that the 
phenyl group decreases electron-donor power in 
the ethers has been obtained from the small shifts 
for anisole, nitroanisole, 0-, m-, p-cresyl methy] 
ethers; the average shift for this group including 
phenetole is 0.1074, as compared with a shift of 
0.174 for the aliphatic ethers. If a carbon is 
interposed between the ether oxygen and the 
phenyl group, this effect is almost nullified: the 
shifts for dibenzyl and benzyl methyl ethers were, 
within experimental error, the same as those for 
the aliphatic ethers. The shift for allyl ethy! 
ether was 0.16y, only 0.01 less than the average 
shift for the saturated ethers. In this compound, 
however, there is a carbon atom between the 
oxygen and the unsaturated group which could 
greatly diminish the effects of unsaturation. 
Although the minimum in the transmission curve 
for phenyl vinyl ether occurs at 3.83 (shift 
0.10u), the band appears to be double with a 
component on the side of the longer wave-lengths. 

o-Cresyl methyl ether presented a curious 
difference from m- and p-cresyl methy] ether: 


CH; CH; CH; 
Sw e ( 
NA ¥ —_ Naf 

OCH; 
shift 0.17y shift 0.12y shift 0.12 
o-cresy| m-cresyl p-cresy| 


methyl ether methyl! ether methyl! ether 
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The o-cresyl methyl ether both shifted and 
broadened the OD band more than did the p- and 
m-forms. Similar differences were observed be- 
tween o- and p-tolunitrile. No difference could be 
detected between o- and m-nitrotoluene. 
Nitriles 

Only two nitriles were included in the previous 
studies. Seven additional ones were included in 
the present study. The average shift for the nine 
was 0.109u. From this we may judge that the 
average strength of the deuterium bonds formed 
with the nitriles is about the same as the average 
of those formed with the organic esters. There 
seems to be no significant difference between the 
aliphatic and aromatic nitriles except in the case 
of o-tolunitrile which shifted the OD band 0.15. 
The unsaturated vinyl acetonitrile (shift 0.08.) 
affected the OD band least of the nitriles. It is 
interesting to compare the shifts caused by o- and 
p-tolunitrile : 





CH; CH; 
\ iS 
ff | 
™\ ff ed 
C=N 
shift 0.15u shift 0.114 
Amines 


The eight amines included bring the number of 
amines studied-to twenty-nine. For the primary 
and secondary aliphatic amines in solution the 
CH;OD band was found to be so broad, unsym- 
metrical and of such low intensity that a quanti- 
tative comparison of band positions was not 
possible. Consequently no additional solvents of 
these classes were studied. Although the band for 
the tertiary aliphatic amines was shallow, it was 
rather symmetrical, and the recorded position of 
the minimum is believed to be accurate within 
0.03u. For the cyclic amines, saturated and 
unsaturated, the band was much more intense 
and hence the results are more accurate. Basicity 
constants of many of these compounds are 
known; for this reason a large number of them 
were studied in order to learn how their hydrogen- 
bond-forming ability is related to their ionization 
constants. Among these compounds rather wide 
differences in proton-attracting ability exist, with 








shifts in the OD band ranging from 0.21, for 
dimethyl] aniline and ethyl pyrrole to 0.37 for 
piperidine. An error was found in the curve for 
quinoline published in the first paper of the 
series. Consequently, this solvent was remeas- 
ured. The average shift for the twenty-one cyclic 
amines and the two tertiary aliphatic amines was 
0.276u. This high average shows that the amines 
are much stronger proton-attractors than are any 
other classes of liquids already discussed in this 
paper. 


Glycols 


The glycols absorb so strongly in the region of 
4y that it was impossible to obtain an accurate 
measurement of the position of the OD band of 
CH,;0D solutions in these solvents. Because only 
qualitative results could be had, only three of 
these compounds were studied. In addition to 
presenting this experimental difficulty, the 
glycols are strong proton-donorsas well as proton- 
acceptors. They thus allow a more complex type 
of association than do compounds which are 
simply proton-acceptors. Since the OD group of 
CH;0D probably acts both as a deuterium-donor 
and as a proton-acceptor at the same time, the 
large shifts of the OD band for this type of 
solvent are misleading and do not allow com- 
parison with the other classes of solvents. 


Amides and ketoxime 


Two amides, N,N-dimethylacetamide and 
N,N-dimethylformamide, were observed. They 
formed deuterium bonds of about the same 
strength with CH;OD (shifts 0.174 and 0.18,). 
These were of about the same strength as those 
formed with the ethers. 

Ethylmethylketoxime, the only ketoxime stud- 
ied, produced the unusually large shift of 0.38. 
However, like the glycols, this solvent is an 
excellent proton-donor as well as a_proton- 
acceptor. Hence it produced an abnormally large 


shift of the OD band. 
Miscellaneous 


Because of the interesting difference between o- 
and m-cresyl methyl ether and between o- and 
p-tolunitrile, m-nitrotoluene was measured for 
comparison with o-nitrotoluene, which had been 
measured previously.! There were, however, no 
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evident differences in the latter compounds; both 
produced shifts of 0.11,. 

Ethylene chloride and chlorobenzene produced 
shifts of only 0.02u. Furthermore, the band was 
extremely weak in these solvents. From the 
smallness of their influence on the OD absorption 
we conclude that these solvents formed no 
deuterium bonds with CH;OD. 

The amount of perturbation which n-propyl 
sulfone produced on the OD band would rate its 
proton-attracting power with that of the organic 
esters. 


COMPARISON WITH OTHER PROPERTIES 


Dipole moments and dielectric constants 


No detectable correlation exists between the 
dipole moments of the solvents and the pertur- 
bations which they produce in the OD vibrational 
band. This is shown clearly in the second paper of 
this series' in which the OD shifts and dipole 
moments for the different classes are compared. 
In Table II is given a similar comparison of the 
shifts produced by several typical liquids with 
their dielectric constants. As might be expected 
from the lack of correlation with dipole moments, 
the shifts produced by the liquids do not seem to 
depend upon their dielectric constants. These 
comparisons are of value in that they show that 
the perturbations of the absorption band are not 
due merely to changes in the medium nor to 
ordinary interaction of dipoles. Therefore the 
deuteron of CH;OD probably interacts in some 
way with unshared electrons on an atom of the 


TABLE II. Comparison of dielectric constant of 
: solvent with OD shift. 











DIELECTRIC OD SHIFT 

SOLVENT CONSTANT* IN # 
Acetonitrile 37 0.09 
Furfural 37 0.10 
Nitrobenzene 36 0.04 
Ethylene glycol 34 0.31 
Epichlorohydrin 26 0.15 
Acetone 21 0.14 
Benzaldehyde 16 0.12 
Aniline 7 0.27 
Ethyl acetate 6 0.12 
Bromobenzene 5.4 0 
Diethyl ether 4.33 0.19 
Dioxane 22 0.14 








* Taken from International Critical Tables and from H. J. Creighton 
om r A. Koehler, Electrochemistry (John Wiley, New York, 1935), 
Vol. I, p. 58. 
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solvent molecule. Only solvents containing atoms 
like oxygen or nitrogen with unshared electron- 
pairs were found to shift measurably the OD 
band. 
Basicities 

One of the most promising phases of this work 
seems to be its use in determination of basicity 
constants. Figure 1 gives a plot of OD shifts 
against logarithms of the basicity constants, or 
PK’s, of twenty bases. The basicity constants 
(Kz) used here are the ionization constants of the 
bases (K;) for water solution divided by the ion 
product constant of water (K,). With the ex- 
ception of only three these follow closely a 
straight-line relation, the equation of which is: 


Au=0.0147 log K,+0.194. 


A similar relation with fewer data was pointed 
out in an earlier paper.! Since that time Professor 
Hammett! has called attention to the determi- 
nation of the ionization constants of aceto- 
phenone, and p-methyl acetophenone extremely 
weak bases, by Flexser, Hammett and Dingwall.® 
From other work’ he® gives an estimate of the 
basic ionization constant for nitrobenzene as 
being between 10-*4 and 10-*°. Consequently, in 
plotting the point for nitrobenzene we have 
placed it midway between his estimated limits. 
Other constants were taken from the Inter- 
national Critial Tables and from Hall.* Methyl 
aniline, dimethy] aniline and ethy] o-toluidine fall 
to the left of the straight line more than experi- 
mental error in our shifts would allow and thus 
appear to be exceptions to the linear relation. No 
doubt other exceptions will be found ; one would 
not expect strongly associated liquids like the 
glycols or ketoximes to follow this relationship. 
For them a more complex type of association is 
expected : The alcohol oxygen, while donating its 
deuteron, likely accepts protons from strong 
proton-donors of this type, and abnormal shifts of 
the OD band may result. For certain «basic 


5L. P. Hammett, J. Chem. Phys. 8, 644 (1940). 

6 L. A. Flexser, L. P. Hammett and A. Dingwall, J. Am. 
Chem. Soc. 57, 2103 (1935). 

7H. P. Treffers and L. P. Hammett, J. Am. Chem. Soc. 
59, 1708 (1937). 

8 N. F. Hall, J. Am. Chem. Soc. 52, 5115 (1930); N. F. 
a M. R. Sprinkle, J. Am. Chem. Soc. 54, 3469 
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o-toluidine; (12) dimethylaniline; £ 
(13) pyridine; (14) quinaldine; @ 
(15) a@-picoline; (16) dimethyl-  2°5 -- 
benzylamine; (17) benzylamine; — 
(18) tributylamine; (19) tri-n- 
propylamine; (20) piperidine. 
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molecules containing more than one _ proton- 
attracting atom, statistical corrections would 
probably have to be made. We believe that with 
these exceptions the shifts given in this paper can 
be used with the curve to estimate the PK’s of 
the solvents; also that this method can be used to 
estimate the basicities of numerous other liquids. 
It can be employed easily and is readily appli- 
cable to very weak bases for which basicity 
constants are difficult to obtain by other methods. 
In the paper which follows, a similar relationship 
is shown to exist between the shifts of the 4yu 
vibrational band of D.O and the basicities of 
several bases. 
Solubilities 

Professor C. S. Marvel, who kindly gave us 
.many of the solvents for which he and Drs. 
Copley and Zellhoefer have obtained solubility 
data,? has made possible a further comparison of 
band shifts with solubilities. In Fig. 2 the 
solubilities of CHCl.F in excess of the ideal 
predicted by Raoult’s law are plotted against 
shifts of the OD band. Although the points are 
rather widely distributed and do not follow 
closely any particular mathematical curve, they 
do follow a general trend and show that the most 
predominant factor in determining the excess 
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solubility is hydrogen-bond-forming ability. This 
is in agreement with the interpretation given for 
the solubility data which are used here.? 

In the interpretation of this data it must be 
remembered that CHCl:F is a much weaker 
proton-donor than is CH;OD a deuterium-donor. 
Solvent association must also be taken into ac- 
count. Aniline and ethylmethylketoxime, for ex- 
ample, are already associated through stronger 
hydrogen bonds than they would be expected to 
form with a weak proton-donor like CHCI.F. 
Consequently the CHCI.F is squeezed out by the 
solvent association, though this association would 
not prevent complex formation with a strong 
proton-donor like methyl alcohol. As the shifts 
which we obtained for N,N-dimethylformamide 
and N,N-dimethylacetamide are about the same 
we conclude that their proton-accepting prop- 
erties are almost identical. This result could have 
been predicted from a consideration of their 
similar structures. Yet the solubility of CHCI.F 
is considerably more in N,N-dimethylacetamide 
than it is in N,N-dimethylformamide, which 
exhibits almost ideal solubility. The low solu- 
bility of CHCl.F in the latter compound as 
compared to the OD shift it causes and as com- 
pared to its high solubility in the similar 
compound may indicate a weak association 
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Fic. 2. Relation of solubility 
to shift in OD band: (1) aniline; 
(2) ethylmethylketoxime; (3) ni- 
trobenzene; (4) furfural; (5) 
phenyl vinyl ether; (6) N, N-di- 
methylformamide; (7) Anisole; 
(8) caprylonitrile; (9) y, y’-di- 
chloro-n-propyl ether; (10) di- 
methylaniline; (11) phenetole; 
(12) adiponitrile; (13) benzalde- 
hyde; (14) furfuryl acetate; (15) 
quinoline; (16) 8, 8’-dichloro- 


le ethyl ether; (17) A*-cyclohexe- 


none; (18) dioxane; (19) ethyl 
fuorate; (20) cyclohexylmethyl 
ether; (21) dimethylcyclohexyl- 
amine; (22) heptaldehyde; (23) 
paraldehyde; (24) dimethyl oxa- 
late ; (25) /-menthone; (26) cyclo- 
hexanone; (27) valeronitrile ; (28) 
acetonylacetone; (29) 1, 4-di- 
methoxycyclohexane; (30) di- 
methyl ether of ethylene glycol; 
(31) N, N-dimethylacetamide; 
(32) triethyl phosphate; (33) n- 
butyl phosphate. O solvents 
containing more than one oxygen 


2a or nitrogen with unshared elec- 
tron-pair. A solvents probably 
associated. 








0.05 0.10 015 0.20 0.25 
SHIFT OF OD BANB OF CH,OD 


through hydrogen bonds, possibly as: 


Fant 
H-C-N---H-C-N 
CH; CH; 


Similarly, a slight tendency of furfural toward 
association may be the explanation of the low 
solubility of CHCI.F in this solvent. The failure 
of dimethylcyclohexylamine and dimethylaniline 
to follow closely the general trend may arise 
from a difference in the steric hindrance of these 
solvents for the two types of solutes. As may be 
expected, most of the solvents with more than 
one atom to which hydrogen bonding may occur 
have a higher solvent power as compared to shift 





than do similar compounds with only one atom 
to which bonding may occur. 

Since proton- or deuteron-acceptance seems to 
depend upon the availability of an electron-pair, 
the OD shifts give a comparison of the electron- 


donor powers of the solvents, a comparison which | 


can be used to predict association of types other 
than hydrogen bonding provided this association 
involves the unshared electron-pairs of the 
solvents. 
Table III gives a comparison of the solubilities 
obtained by Just® for CO: in a few of the solvents 
with the shifts of the OD band which we found 
for the same solvents, and with their dipole 
moments. An examination of the table will show 


9 Just, Zeits. f. physik. Chemie 37, 342 (1901). 
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that the solubilities correlate much more closely 
with the shifts in the OD band than they do with 
the dipole moments. The solubility of COs is 
probably influenced by the formation of weak 
complexes with the solvents, the strength of 
which depends upon the electron-donor powers of 
the solvents. Professor Hildebrand, in comment- 
ing upon the solubility of CO: in various liquids, 
states: ‘‘Although gaseous CQO: has zero dipole 
moment, it shows a marked tendency to form 
addition compounds.’’!” 


Electro-negativities 


Electro-negativity is that power of an atom ina 
molecule which enables it to attract electrons to 
itself. Professor Pauling" gives an able discussion 
of this property of atoms with a rating of 
clectro-negativity values for many atoms. If 
hydrogen bonding occurs to an atom, A, in a 
molecule, to which is bound an atom, B, it is 
reasonable to suppose that the higher the 
electro-negativity of B, the weaker is the electron- 
donor power of A and hence the weaker is the 
hydrogen bond. 

In our studies of inorganic esters we have cases 
of deuterium bonding to oxygen atoms in the 
nitrates, carbonates, phosphates and _ borates. 
These oxygen atoms are, in turn, bound suc- 
cessively to nitrogen, carbon, phosphorus and 
boron atoms. Thus we have a relatively wide 
range of electro-negative atoms in similar com- 
pounds. In Fig. 3 we have plotted the OD shifts 
obtained for these compounds against the elec- 
tro-negativity values of the atoms to which the 


TABLE III. Relation of solubility to shift in OD band. 
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| SOLUBILITY 





OF Co2* | OD Suirt | DIPOLE MoMENT 
SOLVENT MOLE FR. X10* | IN p | 10'8 E.s.u. 

Benzene | 91 | O | 0 
Chlorobenzene | 93 0.02 1.55 
Nitrobenzene 113 0.04 4.23 
Benzaldehyde 128 0.12 | 2.35 
Acetone | 209 | O14 | 29 

Amyl acetate 270 | 0.13 | 1.9 








* Taken from Just, Zeits. f. physik. Chemie 37, 342 (1901). 


0 J. H. Hildebrand, Solubility of Non-Electrolytes (Rein- 
hold, New York, 1936), p. 139. 
_'L. Pauling, The Nature of the Hydrogen Bond (Cornell 
University Press, Ithaca, New York, 1939), pp. 58-75. 


EVIDENCE FOR HYDROGEN BONDS. 












































III 

3.0}, 
> - 
E 
os 
oO 
g 2s = 
oO 
a 
~ 
oO 
a 
— -— 
lu 

x 
2.0 
0.05 0.10 als 0.20 


SHIFT OF OD BAND OF cHx,OD 


Fic. 3. Plot of OD shifts for some nitrates, carbonates, 
phosphates and borates against electro-negativities of 
nitrogen, carbon, phosphorus and boron: (1) ethyl nitrate; 
(2) methyl carbonate; (3) ethyl carbonate; (4) n-butyl 
carbonate; (5) iso-butyl carbonate; (6) ethyl phosphate; 
(7) n-butyl phosphate; (8) n-butyl borate. 


oxygen is joined. There appears to be a systematic 
increase of shift with decrease of electro-nega- 
tivity. Although we have no case in which chlorine 
is immediately adjacent to the atom participating 
in hydrogen bonding, the many cases we have 
studied involving the chlorine atom show that its 
effect when in the molecule is to decrease markedly 
the OD shift, behavior which is consistent with 
the high electro-negativity value (3.0) which 
Pauling gives for chlorine. We have no data for 
sulfates, but if we should plot the shift for 
n-propyl sulfone against the electro-negativity 
value of 2.5 listed for sulfur, the point would fall 
reasonably close to the curve. Indeed for all the 
cases studied the shifts in the OD band are so 
sensitive to changes in the electro-negativity of 
the adjacent atoms that the infra-red method, it 
seems, can be exceedingly useful in comparing 
this property of atoms. 
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Fic. 4. Comparison of shifts which various solvents pro- 
duce in the OD vibrational band of CH;,OD with their heats 
of mixing with CHCI;: (1) ethyl nitrate; (2) nitrobenzene; 
(3) anisole; (4) dimethylaniline; (5) acetone; (6) ethyl 
acetate; (7) ethyl ether; (8) N, N-dimethylacetamide; 
(9) dimethylcyclohexylamine. 


Heats of mixing 


In solutions of an associated substance like 
methyl alcohol in proton-acceptor solvents, hy- 
drogen bonds must be broken between the solute 
molecules before hydrogen bonds can be formed 
between the solute and solvent. Although this 
complexity does not interfere adversely with 
infra-red observations of the type reported here, 
it does make difficult the interpretation of heats 
of mixing data. Whether there would be heating 
or cooling upon mixing of these liquids would 
depend on the relative strength of the two bonds. 
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The amount of heat given off or taken up would 
depend upon the number of bonds broken as well 
as upon the number formed. On mixing unassoci- 
ated proton-acceptor liquids like acetone with 
unassociated proton-donors like chloroform, one 
would expect heat to be given off. The amount of 
this heat would vary with the strength of the 
hydrogen bonds formed although it would not 
necessarily be equivalent to the energy of the 
bonds. In Fig. 4 heats of mixing of some proton- 
acceptor liquids with chloroform are compared 
with the shifts which these liquids were found to 
produce in the OD band of CH;OD. Except for 
dimethyl] aniline, which because of steric hin- 
drance of the methyl groups might be expected to 
behave abnormally, the correlation is excellent. 
The heats of mixing data were taken from a 
recent paper of Marvel, Copley and Ginsberg.” 
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chemicals; to Professor C. E. Sunderlin, of Union 
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fessor Louis P. Hammett, of Columbia Uni- 
versity, for reading and criticizing the manu- 
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2C, S. Marvel, M. J. Copley and E. Ginsberg, J. Am. 
Chem. Soc. 62, 3109 (1940). 
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The strengths of deuterium bridges formed between 
heavy water and forty-two different basic solvents are 
compared by measurements of the perturbations which the 
solvents produce on the OD vibrational band of heavy 
water which occurs at 3.59 u in heavy water vapor and at 
4.00 » in liquid heavy water. The solvents were selected 
from the following classes: ketones, ethers, esters, glycols, 
nitriles, amides, ketoximes and amines. The proton- 
attracting properties of twenty-five solvents are compared 
by measurement of the strengths of the hydrogen bonds 
which they form by sharing the proton of hydrogen chloride. 
Heavy water was found more satisfactory for strong and 
moderately weak bases; hydrogen chloride, for extremely 
weak bases. The shifts which the different liquids produce 


upon the D,O band and the HCI band are compared with 
the shifts which the same solvents produce on the OD 
vibrational band of CH;OD. A linear relation was found in 
each case, with frequent but small variations from linearity. 
Basicity constants were known from other measurements 
for nineteen of the solvents used with D,O. The shifts 
which these solvents produce on the D,O band were found 
to be directly proportional to the logarithms of their 
basicity constants. The method used here promises to be 
practical for comparing basicities of numerous types of 
compounds. The close relation existing between the 
hydrogen bond theory and modern theories of acids and 
bases is discussed. 





N the present paper D,O and HCI are used 

to compare the proton-accepting power of 
liquids. Perturbations which these liquids pro- 
duce in the fundamental D.O band, which 
appears at 3.59u for the vapor state,? and the 
fundamental vibrational HCl band, which ap- 
pears at 3.46u for the gaseous form,’ serve to 
compare the basic character of the solvents. 

In the first paper of this series both heavy 
water and heavy alcohol were used as deuteron- 
donors to compare the proton-attracting prop- 
erties of liquids. Alcohol was used more fre- 
quently because it dissolves more freely in 
organic solvents. Nevertheless, water is suff- 
ciently soluble in many organic liquids for 
measurements to be made with D,O as solute. 
Because of the importance of the complexes in 
which different types of molecules share the 
protons of water, an extension of the measure- 
ments on D,O systems seemed justified. For 
example, the role which water plays in many 
biological phenomena is now suspected of being 
due to the binding of water to organic molecules 


1For the other parts see the preceding paper and W. 
Gordy, J. Chem. Phys. 7, 93 (1939); W. Gordy and S. C. 
Stanford, ibid. 8, 170 (1940). 

* Present address: Department of Physics, Mary Hardin- 
Baylor College, Belton, Texas. 
(1938) F. Barker and W. W. Slater, J. Chem. Phys. 2, 660 
). 

3H. M. Randall and E. S. Imes, Phys. Rev. 15, 152 

(1920). 
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through hydrogen bonds. Likewise, hydrogen 
bonding probably plays a part in the large 
osmotic pressures involved in raising the sap in 
plants. Many cases of the spreading of films on 
water surfaces are no doubt caused by hydrogen 
bonding between the molecules of the film and 
those of the water. 

Numerous measurements of other physical 
properties of compounds have been made in 
water solution, especially those of electrolytic 
phenomena. Most of the available basicity con- 
stants have been measured in terms of the 
ability of substances to capture protons from 
water—that is, to produce OH ions in water 
solution. Hydrogen bonding is probably an inter- 
mediate step in this process. Water is the most 
commonly used solvent, yet its high solvent 
power for many compounds and its extremely 
low solvent power for other simpler compounds 
cannot be explained until the relative strengths 
of the hydrogen bonds formed between water 
molecules and those between water and molecules 
of other compounds are known. 

Through infra-red measurements Gordy and 
Martin‘ discovered that the rather strong acid, 
HCl, will donate its proton to form hydrogen 
bonds with ethyl ether and other oxygenated 


*W. Gordy and P. C. Martin, Phys. Rev. 52, 1075 
(1937); J. Chem. Phys. 7, 99 (1939). 
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Fic. 1. Percent transmission of D.O in: (A) dioxane; 
(B) dimethyl ether of ethylene glycol; (C) ethyl acetate; 
(D) triethyl phosphate; (E) ethylene glycol; (F) propylene 
glycol. 


solvents. The consequent disturbance of the HCI 
vibrational band was found to be, very great as 
compared with the disturbance which the same 
solvents cause upon the hydroxyl band of 
alcohols. For example, the OD band of heavy 
methyl alcohol is shifted 130 wave numbers 
through interaction with an ether oxygen, where- 
as the shift of the HCI band by the same ether is 
approximately 439 wave numbers. Thus the HCl 
band is much more sensitive than the hydroxyl 
band to slight changes in the basicities of the 
solvents. Unfortunately, for proton-attractors as 
strong as, or stronger than, ethyl ether, the HCI 
band is so diffuse that its position cannot be 
determined accurately. Hence for these, CH;0D 
or D.O provides a better means of comparison, 
but for extremely weak bases like ethyl trichloro- 
acetate or diphenyl ether the HCl band is 
reasonably sharp and provides a more accurate 
means of comparison than do OD compounds. 
Thus HC] works best for comparing the strengths 
of those bases which are most difficult to com- 
pare by other methods. 

It might be supposed that the relative strengths 
of the deuterium bonds formed by various 
liquids with CH,OD, estimated in previous 
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Fic. 2. Percent transmission of D2O in: (A) n-propyl- 
amine; (B) di-n-propylamine; (C) di-n-butylamine; (D) 
isobutylamine; (E) tso-amylamine; (F) cyclohexylamine. 
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Fic. 3. Percent transmission of D2O in: (A) benzy!- 
amine; (B) dimethylbenzylamine; (C) m-toluidine; (1) 
o-toluidine; (E) aniline; (F) pyrrole. 


papers of the series, could be used to predict the 
relative strengths of the hydrogen bonds which 
these liquids would form by accepting protons 
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TABLE I. ~~ solutions. 





| 
| Suirr 

FROM 
Mono- 
MOLEC- 
Mo- ULAR 
LAR | POSITION Banp IN 
Con-| OF D2O | Vapor 











CEN- Banp State 
TRA- -_ 
TION 
SOLVENT c mw | cm) Ap | Av 
tD.O vapor 3.59 | 2784 
*D20 liquid 3.99 | 2507| 0.40 | 277 





Ketones 





Methyl ethyl ketone CH;COC2H; 0.4 
Acetone CH;sCOCHs 0.4 | 3. t 
Diacetyl! CHsCOCOCHs 0.4 | 3.83 | 2611) 0.24 | 173 
Acetonylacetone CH3C — HeCOCHs ry 5 
) 
0.4 


Cyclohexanone C He(CHE)CO 


































































































A? Cyclohexenone CH2(CH2)2CH:CHCO 0.4 | 3.92 | 2551] 0.33 | 233 
H 7 i 
Ethers 
Dioxane + meena tes 0.4 | 3.80 | 2632) 0.21) 152 
| 
we ether of en glycol 
CH;0CH2CH20CH3 0.4 | 3.86 | 2591) 0.27) 183 
1,4-Dimethoxyeyclohexane CsHio(OCHs)2 0.3 | 3.83 | 2611) 0.24 | 173 
| 
Esters 
Ethyl acetate CHsCO2C2H; 0.4 | 3.80 | 2632) 0.21 | 152 
Triethyl phosphate (C2H;O)3;PO 04 | 3.88 | 2577) 0.29 | 207 
n-Butyl phosphate PO(OC4Ho)s 0.4 | 3.88 | 2577] 0.29 | 207 
Glycols 
Ethylene glycol (CH20H)2 0.4 | 4.02 | 2488) 0.43 | 296 
Propylene glycol CHsCHOHCH2OH 0.4 | 4.02 | 2488) 0.43 | 296 
Propylene chlorohydrin CHs;CHOHCH?C1 0.4 | 3.98 | 2515) 0.39 | 269 
Nitriles 
n-Butyronitrile CH;CH2CH2CN 0.3 | 3.79 | 2639) 0.20 | 145 
*Acetonitrile CHsCN 1.0 | 3.78 | 2646) 0.19} 138 
Amides 
N,N-Dimethylacetamide CHsCON(CHs)2 0.4 | 3.86 | 2591) 0.27} 183 
N,N-Dimethylformamide HCON(CHs)> 0.4 | 3.86 | 2591/ 0.27} 183 
Ketorimes 





Ethylmethylketoxime C2H;(CH3)C:NOH 





| 0.4 440 | 2439) 0.51 | 345 





from solutes like HCl and water. Yet this needs 
to be verified by comparisons of several typical 
cases. Such comparisons will be made in this 
paper. 

The experimental technique does not vary 
from that employed in the other papers of the 
series and needs no description here. Except for 
one or two solutions, absorbing layers were 
0.016 cm. 
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TABLE I.—Continued. 





Suirr 
FROM 
Mono- 
MOLEC- 
Mo- ULAR 
LaR | POSITION | Banp IN 
Con-| OF D20 Vapor 





CEN- Banb StTaTe 
TRA- 
TION 

SOLVENT c » | cm) Ap | Av 




















Amines 





n-Propylamine C2H;CH2NH2 
Di-n-propylamine (C2H;CH2)2NH 
n-Butylamine C2H;CH2CH2NH2 
Di-n-butylamine (C4H»)2NH 











1.0 . AS 

1.0 J AS 

1.0 J AS 

1.0 J y 
Is0-butylamine (CH3)2CHCH2NH2 | 1.0 | 4.08 | 2451) 0.49 | 333 
n-Amylamine CH3(CH2)sNH2 1.0 | 4.07 | 2457] 0.48 | 327 
Iso-amylamine (CH3)2CH(CH2)2NH2 1.0 | 4.08 | 2451) 0.49 | 333 
Cyclohexylamine HeCsH;NH2 | 1.0 | 4.08 | 2451| 0.49 | 333 
Dimethyleyelohexylamine CeHuN(CHs)2 | 1.0 | 4.02 | 2488) 0.43 | 296 
Benzylamine CeH;CH2) | 1.0 | 4.05 | 2469) 0.46) 315 
Dimethylbenzylamine C, H, CH2N(CHs)2 | 0.35 | 4.04 | 2475] 0.45 | 309 
Aniline CcH;NH2 | 0.4 | 3.98 | 2515] 0.39 | 269 
o-Toluidine CHsCcHiNH2 0.4 | 3.97 | 2519] 0.38 | 265 
m-Toluidine CHsCsHsNH2 0.4 | 3.97 | 2519) 0.38 | 265 
*Pyridine C;H;N | 1.0 | 3.97 | 2519) 0.38 | 265 
*a-Picoline CHsC;HiN | 1.0 | 3.99 | 2507| 0.40) 277 
Quinoline C4H;N 1.0 | 3.96 | 2525) 0.37 | 259 
Quinaldine CHsCoH<N | 0.4 | 3.98 | 2515] 0.39| 269 
*Piperidine CH2(CH2)sNH 1.0 | 4.09 | 2469) 0.50) 315 
Pyrrole (CH:CH)2NH | 0.4 | 3.95 | 2532) 0.36 | 252 
*Nicotine CioHuuwN2 | 1.0 | 3.99 |! 2507| 0.40 | 277 











t Taken from E. F. Barker and W. W. Slater, J. Chem. Phys. 2, 660 (1935). 
* Taken from previous paper—W. Gordy, J. Chem. Phys. 7, 93 (1939). 


D.O SOLUTIONS 


Solvents were chosen from each of the follow- 
ing classes: ketones, ethers, esters, glycols, 
nitriles, amides, ketoximes and amines. Trans- 
mission curves for a few of these will be found in 
Figs. 1-3. Table I lists the positions of their minima 
and shifts in both wave-lengths and wave 
numbers from the position of the monomolecular 
D,0 band at 3.594. Except for the amines, of 
which twenty-one have been studied, only a few 
of each class were observed. Most of these 
solvents were the same ones already used in 
similar studies with CH;OD as solute. In general, 
the results were in agreement with the earlier 
studies. However, because the D,O band is more 
intense than the CH;O0D band for the same 
concentration, more accurate results could be 
obtained. This is especially true for the aliphatic 
amines for which solutions of CH;OD exhibit a 
band so broad and shallow that its center cannot 
be ascertained. On the other hand, studies with 
D.O are limited because of the low solubility 
of water in the amines containing many carbons. 
Studies of the nitriles and the oxygenated 
solvents were also limited by the low solubility 
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Fic. 4. Molecular extinction coefficients versus wave- 
lengths for D.O solutions. Solvents: (A) methyl ethyl 
ketone; (B) aniline; (C) n-propylamine. 


of water, although this limitation was partly 
offset by the great intensity of the absorption 
band, which made possible the use of very dilute 
solutions. 

In addition to shifting the vibrational band of 
the proton- or deuteron-donor group to longer 
wave-lengths, hydrogen bonding also increases 
its intensity. In the present study there is a 
rather wide range of strengths of bonds, with the 
shifts in the D,O band extending from 0.19, for 
acetonitrile to 0.514 for ethylmethylketoxime. 
Though the intensities of bands with the same 
shifts differ considerably, usually the longer the 
wave-length at which the band appears, the 
greater is its intensity, until shifts of about 0.40 
are reached, after which intensity generally falls 
off with further increase of shift. The most 
notable exceptions to this generalization are the 
glycols and ethylmethylketoxime, which are 
strong proton-donors as well as proton-acceptors 
and which for this reason probably cause ab- 
normal shifts in the heavy water band. Three 
typical liquids have been chosen as representa- 
tive of weak, medium and strong bases, and for 
them have been plotted, in Fig. 4, molecular 
extinction coefficients versus wave-lengths. These 
curves will illustrate how the intensity of the 
band goes through a maximum with increase of 
shift. The apparent variation in the intensity 
of the band cannot be ascribed wholly to change 


WALTER GORDY 


in the electric moment of the D.O, for there is 
probably sufficient ionization on the longer wave- 
length side to lower the intensity of the band 
and on the shorter wave-length side, where the 
bonds are weaker, the intensity may be lowered 
because a smaller percentage of the D,O would 
be expected to link up with the solvent. The 
variety of possible influences upon the intensity 
of the band makes it seem impractical to measure 
intensities of the bands to detect the extent of 
ionization. Also the thin cells required in this 
region introduce uncertainty in intensity, per- 
haps as much as ten percent in some cases. 
Since the shifts in the band follow approxi- 
mately the same sequence as they did for 


TABLE II. HCI solutions. 










































































Suirr 
FROM 
Mono- 
MOLEC- 
ULAR 
_ Position | Banp IN 
Con-| OF HCl | Gasgous 
cen-| BAND SraTE 
TRA- 
TION 
SoLvENT c uw |ocm| Ap | Av 
tHydrogen chloride (gas) 3.46 | 2890 
Nitro Compounds 
Nitrobenzene CeHsNO2 0.3 | 3.68 | 2718) 0.22 | 172 
o-Nitrotoluene CHsCeHsNO2 0.3 | 3.70 | 2703) 0.24 | 187 
m-Nitrotoluene CHsCeHiNO2 0.3 | 3.70 | 2703) 0.24 | 187 
Esters 
Methyl carbonate (CH30)2CO 0.75 | 3.79 | 2639) 0.33 | 251 
Methy! chlorocarbonate —_—- 0.4 | 3.69 | 2710) 0.23 | 180 
Diethyl carbonate CO(OC2H:)2 0.75 | 3.81 | 2624) 0.35 | 266 
Iso-butyl carbonate [(CHs)2CHCH20] 2CO 0.7 | 3.81 | 2624] 0.35 | 266 
*Ethyl acetate CH3CO2C2H; 1.2 | 3.88 | 2577) 0.42} 313 
— trichloroacetate ClsCCO2C Sat. | 3.67 | 2725) 0.21} 165 
n-Butyl n-butyrate CCH :CO.CH:CH:C:H; 0.75 | 3.87 | 2584) 0.41 | 306 
Methyl benzoate CsH:COzCHs 0.65 | 3.84 | 2604! 0.38 | 286 
Benzyl benzoate CeH;CO2CH2CcH; 0.65 | 3.84 | 2604) 0.38 | 286 
Phenyl acetate CHsCO2CcH; 0.65 | 3.84 | 2604] 0.38 | 286 
Aldehydes 
Paraldehyde CceHi203 1.0 | 3.90 20 0.44 | 326 
Ethers 
. *Diethyl ether (C2Hs)20 0.82 | 4.08 | 2451) 0.62 | 439 
a,8-Dichloroethyl ether CHsCH20CHCICH:CI Sat. | 3.65 | 2740).0.19 | 150 
8,8’-Dichloroethyl ether (CICH2CH2)20 1.0 | 3.88 | 2577| 0.42 | 313 
Pag oem pr ether — e 0.8 | 4.12 | 2427] 0.66 | 463 
*n-Butyl ether (CaHo 0.7 | 4.08 | 2451) 0.62 | 439 
~ 1 phenyl Bo Ci (CH:),0CsH. 0.5 | 3.84 | 2604| 0.38 | 286 
xy ether aed 0.2 | 3.67 | 2725) 0.21 | 165 
ee CeH;0C. 0.3 | 3.80 | 2632) 0.34 | 258 
Phenetole CHLOCeHs 0.4 | 3.80 | 2632) 0.34 | 258 
nome or tr ether CoH OCHs 1.0 | 4.09 | 2445] 0.63 | 445 
oxane — — 1.1 | 4.05 | 2469) 0.59 | 421 























* Taken from previous paper: J. Chem. Phys. 7, 99 (1939). 
t Taken from H. M. Randa’ land E. S. Imes, Phys. Rev. ‘, 152 (1920). 
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Fic. 5. Percent transmission of HCI in: (A) methyl 
carbonate; (B) methyl chlorocarbonate; (C) diethyl car- 
bonate; (D) isobutyl carbonate; (E) ethyl trichloroacetate ; 
(F) n-butyl n-butyrate. 


CH;0D, discussed in the preceding paper, a 
detailed consideration of the various classes and 
of the effects of structure on proton-attracting 
power will not be given here. 


HCl So.vuTIons 


The center of the vibrational HCI band in the 
gaseous state appears at 3.46u.* For HCl in 
benzene solution Plyler and Williams® showed 
that the center of the band is 3.49yu. Williams® 
measured the HCI absorption for HCI in chloro- 
benzene, nitrobenzene and m-nitrotoluene and 
showed that in these solvents the band appeared 
at still longer wave-lengths than in benzene 
solution. Gordy and Martin‘ found that in ether 
and other oxygenated solvents the HCl band 
was very intense and occurred near 4y. Since 
such large shifts as those produced by the 
latter solvents could not be attributed to dipole 
moments or dielectric constants of the solvents, 
it was concluded that hydrogen bonds were 
formed between the chlorine and an oxygen of 


\ 
O---HCl. Recently O’Brien’ 


/ 


(1938) K. Plyler and D. Williams, Phys. Rev. 49, 215 
~ §D. Williams, Phys. Rev. 50, 719 (1936). 

7S. J. O’Brien, C. L. Kenny and R. A. Zuercher, J. Am. 
Chem. Soc. 61, 2504 (1939); S. J. O’Brien and C. L. 
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Fic. 6. Percent transmission of HCI in: (A) a,8-dichloro- 
ethyl ether; (B) 8,8’-dichloroethy] ether; (C) butyl phenyl 
ether; (D) diphenyl ether; (E) anisole; (F) phenetole. 


and his co-workers have measured the partial 
pressures of HCl from solutions in several of 
these solvents and have found deviations from 
Raoult’s law, which give evidence of complex 
formation for some of these. 

Because of the largeness of the shifts in the 
HCI band due to hydrogen bonding, HCl was 
judged a good proton-donor for comparing the 
proton-attracting properties of certain weak 
bases. In the present paper previous infra-red 
measurements have been extended to many new 
solvents, and the band has been remeasured for 
solutions with nitrobenzene, o- and m-nitro- 
toluene as solvents, in the hope that through 
use of a more concentrated solution and a 
thicker cell than before the center might be 


Kenny, ibid. 62, 1189 (1940); S. J. O’Brien and J. B. 
Byrne, zbid. 62, 2063 (1940). 
















located more accurately. Positions of the centers 
of the band together with shifts from the position 
of the HCI band in the gaseous state are listed in 
Table II. In Figs. 5 and 6 are given the absorp- 
tion curves for a few typical cases. Considerable 
variation in the positions of the HCI band for 
these solvents will be noted. 

The pronounced effects observed when a 
chlorine is substituted for a hydrogen in the 
solvent demonstrates how sensitive is the method 
to changes in the electron-donor power of the 
atoms to which the bond is formed. Compare 
methyl carbonate with methyl! chlorocarbonate : 


CH;—O CH;—O 
C=0 C=0, 
“i 
CH;—O Cl 
shift 0.33 shift 0.23 
also ethyl acetate with ethyl trichloroacetate : 
Lt Lh 
| | 
vi iain + Maia 
H Cl 
shift 0.42u shift 0.21p 


The substitution of the three strongly electro- 
negative chlorine atoms has cut down the shift 
to one-half its value in ethyl acetate. A com- 
parison of the shifts of the HCI band produced 
by diethyl ether, 8,6’-dichloroethyl ether, and 
a,6-dichloroethy] ether, 


H H H H 
EJ i 
at a atk ‘ 

| 
H H H H 


shift 0.62y 


H 7 H ? 
| | 

CI-C ee C-Cl 
|| 


H H H H 


shift 0.42u 
HH HH 
cl-¢-¢-0-¢ én 
HC HH 


shift 0.19y 
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shows how the position at which the electro- 
negative chlorine is substituted in the molecule 
affects the electron-donor power of the ether 
oxygen. The effect of substitution of a phenyl 
for an aliphatic group is to produce a very 
marked change in the shifts of the HCl band, 
especially when this substitution is immediately 


adjacent to the electron-donor atom. This is 
well illustrated by a comparison of the shifts of 


the band for n-butyl ether, n-butyl phenyl 
ether and diphenyl ether: 





JL —O— C,H, 
C,H,—O—C,H, | | 
shift 0.62 ‘st 
shift 0.38 
we 
Sea. 
a Pi » 
shift 0.21 


When an oxygen and a carbon are interposed 
between the phenyl group and the electron-donor 
atom, the effect of substituting a phenyl for an 
aliphatic group is greatly diminished. Compare 
ethyl acetate (shift 0.424) and phenyl acetate 
(shift 0.38,). 


RELATION OF HYDROGEN BONDING TO 
BASICITY OF SOLVENT 


Basicity constants for nineteen of the solvents 
used in the present investigation were found in 
the literature. When the logarithms of the 
basicity constants for water solutions are plotted 
against the shifts which the solvents produce in 
the vibrational D.O band, the linear relation 
shown in Fig. 7 is obtained. The Ky used here is 
defined as: K,=K;/Kw, where K; is the ioniza- 
tion constant of the base referred to water 
solution and K, is the ion product of water.* 
The equation of the line is: 


Au=0.0175 log K,+0.297, 


where Au is the shift of the D.O band in microns. 
The basicity constants used here were taken from 
the International Critical Tables, from Hall® and 


8 Louis P. Hammett, Physical Organic Chemistry (Mc 
Graw-Hill, New York, 1940), p. 255. 

9N. F. Hall and M. R. Sprinkle, J. Am. Chem. Soc. 54, 
3469 (1932). 
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Fic. 7. Relation of basicity constants of solvents to their shifts of the vibrational 
band of D.O: (1) acetophenone; (2) 0-toluidine; (3) aniline; (4) m-toluidine; (5) 
quinoline; (6) pyridine; (7) quinaldine; (8) a-picoline; (9) dimethylbenzylamine; 
(10) benzylamine; (11) isobutylamine; (12) m-propylamine; (13) n-butylamine; 
(14) zso-amylamine; (15) cyclohexylamine; (16) m-amylamine; (17)-dipropylamine; 


(18) di-n-butylamine; (19) piperidine. 


from Flexser, Hammett and Dingwall.!®° In the 
preceding paper a like relation was shown to 
exist for CH;OD solutions. These graphs illus- 
trate the close relation existing between the 
hydrogen bond and the normal reaction of acids 
and bases. They can be used to obtain the 
basicity constants of numerous compounds, al- 
though exceptions are likely to be found. For 
example, strongly associated compounds like the 
glycols, which exhibit marked acid as well as 
basic properties, would not be expected to follow 
the relation, nor would dibasic compounds with- 
out statistical corrections. 

Many reactions catalyzed by acids or bases are 
doubtless caused by a shifting of electrical 
charges in the molecules, which results from the 
formation of temporary complexes through hy- 
drogen bonds. The normal acid-base reaction 
according to the widely accepted Brgnsted- 
Lowry theory" is the transfer of a proton from 
an acid to a base. In this theory acids are 
defined as proton-donors and bases as proton- 
acceptors. When hydrogen bonds are formed, 
proton-donors and proton-acceptors—acids and 
bases—participate, but here the proton is only 

10 L. A. Flexser, L. P. Hammett and A. Dingwall, J. Am. 


Chem. Soc. 57, 2103 (1935). 
4" N. F. Hall, J. Chem. Ed. 17, 124 (1940). 


partially transferred, is shared by the acid and 
base. In a concentrated solution of water and an 
organic base like aniline, only a small percentage 
of the water molecules are ionized, while the 
infra-red curves shown here indicate that a 
large percentage are linked to the base through 
hydrogen bonds. This hydrogen bonding may be 
regarded as incipient ionization, an intermediate 
step in the process of complete ionization of an 
acid by a base. In a dilute solution of a strong 
acid in a strong base, where ionization is thought 
to be relatively complete, no hydrogen bridges 
of the type discussed above could exist. Even 
here, however, hydrogen bonding may precede 
ionization, the bonds being so weak and un- 
symmetrical because of the unequal attractions 
of the acid and base for the proton that they are 
quickly broken on the acid side by thermal 
motion. 

G. N. Lewis” has defined a basic molecule as 
one with an electron-pair which it can donate to 
form a covalent bond with another atom, and an 
acid molecule as one which is able to receive 
such an electron-pair in the formation of a co- 
valent bond. Although the Brgnsted-Lowry 
definition of acids is much more limited than is 


2G. N. Lewis, J. Frank. Inst. 226, 293 (1938). 
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Fic. 8. Comparison of the effects of solvents on the OD vibrational band of 
CH;OD with those on the vibrational band of D.O (1) acetonitrile; (2) n-butyro- 
nitrile; (3) methyl ethyl ketone; (4) acetophenone; (5) ethyl acetate; (6) acetoni- 
trile; (7) diacetyl; (8) dioxane; (9) acetone; (10) 1,4-dimethoxycyclohexane; 
(11) dimethyl ether of ethylene glycol; (12) N,N-dimethylformamide; (13) cyclo- 
hexanone; (14) n-butyl phosphate; (15) triethyl phosphate; (16) N,N-dimethyl- 
acetamide; (17) A? cyclohexenone; (18) pyrrole; (19) 0-toluidine; (20) m-toluidine; 
(21) propylene chlorohydrin; (22) quinoline; (23) pyridine; (24) aniline; (25) 
quinaldine; (26) dimethylcyclohexylamine; (27) a-picoline; (28) nicotine; (29) 
propylene glycol; (30) ethylene glycol; (31) dimethylbenzylamine; (32) benzyl- 
amine; (33) piperidine; (34) ethylmethylketoxime. : 


the Lewis definition, their definitions of bases 
would seem to include the same classes of com- 
pounds. This is true because the ability of a 
molecule to add a proton seems to depend upon 
the availability of an electron-pair on the atom 
to which the proton is joined, and from these 
studies this availability of electrons appears to 
be the condition for partial acceptance—that is, 
the formation of hydrogen bridges. Thus the 
method employed here would give a compari- 
son of basicities according to either of these 
definitions. 

Most of the ionization constants of bases have 
been measured in water solution and are defined 
in terms of the ability of the base to capture a 
proton from water. But a base which is much 





weaker than water would not ionize measurably 
as a base in water solution. Thus great numbers 
of liquids which are defined as bases according to 
the Lewis or the Brgnsted-Lowry classification 
would escape detection as bases if the ordinary 
measurement of ionization constants in water 
solution were employed to determine basicity. 
Since the method used in this study does not 
require measurement of ionization, it can be 
used to compare electron-donor power in water 
solution of much weaker bases than have been 
measured before in water solution. 

Even in this method the comparison of ex- 
tremely weak bases like ethyltrichloroacetate or 
diphenyl! ether requires the use of a more willing 
proton-donor than water. Thus it is desirable to 
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Fic. 9. Comparison of the effects of solvents on the OD vibrational band of CH;OD with those on 
the vibrational band of HCI: (1) nitrobenzene; (2) methyl chlorocarbonate; (3) m-nitrotoluene; (4) 
o-nitrotoluene; (5) methyl carbonate; (6) diethyl carbonate; (7) phenetole; (8) isobutyl carbonate; 
(9) benzyl benzoate; (10) methyl benzoate; (11) anisole; (12) phenyl acetate; (13) ethyl acetate; 
(14) 8,6’-dichloroethyl ether; (15) paraldehyde; (16) dioxane; (17) n-butyl ether; (18) cyclohexyl- 





methyl ether; (19) isopropyl ether; (20) ethyl ether. 


use different proton-donors to compare bases 
with different ranges of strength. In addition to 
this reason for using various acids, no one 
proton-donor is soluble in all classes of liquids. 
The need for employing different proton-donors 
brings on the question whether the bases meas- 
ured would show the same order of strength 
with two different proton-donors. This seems to 
be at least approximately true. In Fig. 8 are 
plotted the shifts which certain solvents cause in 
the D.O vibrational band against the shifts 
which the same solvents produce in the corre- 
sponding band of CH;OD. The relation obtained 
is linear with frequent small variations from the 
straight line. For most of these it is impossible 
to tell whether the departures are real or caused 
by experimental error, since there is a possible 
error of as much as 0.024 in measurement of 
shift for many of the solvents and even greater 
for a few. In Fig. 9 a similar relation is plotted 
for HCl and CH;OD. Despite the frequent 
small variations from linearity these relations 
show how measurements of the strengths of 
hydrogen bonds which liquids form with one 


proton-donor can be used to predict the forma- 
tion of hydrogen bonds with other and widely 
different proton-donors. They show, for example, 
that the more extensive measurements which 
have been made with CH;OD are valuable in 
predicting complex formation or ionizations of 
these solvents with HCI or other solutes. Entirely 
different measurements of strengths of bases are 
in agreement with these conclusions. Hall'* has 
shown that, with frequent individual minor de- 
partures, there is a definite parallelism between 
the strengths of bases as measured in water 
solution and in acetic acid solution. 

The author wishes to acknowledge his grati- 
tude to Professor Harald H. Nielsen and Dean 
Alpheus W. Smith, for the use of their laboratory 
facilities; to Professor C. S. Marvel, of the 
University of Illinois, for many of the chemicals; 
to Professor Louis P. Hammett, of Columbia 
University, for reading and criticizing the manu- 
script; and to Vida Miller Gordy for assistance 
in preparing the manuscript. 


13N. F. Hall, J. Am. Chem. Soc. 52, 5115 (1930). 
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The Fundamental Frequencies of Certain Halomethanes. II. 
The Raman Spectrum of Fluoroform 


G. GLOCKLER AND W. F. EDGELL* 
Chemical Laboratory, State University of Iowa, Iowa City, Iowa 


(Received December 11, 1940) 


The Raman spectrum of CHF; has been determined and the assignment to the six funda- 
mentals has been made by considering the intensities and by comparison with the other 
haloforms. Checks have been obtained by two independent methods based on the theory of 
small vibrations. The fundamentals in CHCIF2 have been revised to harmonize with the data 
of CHF; and they have been empirically correlated in several spectral sequences. Molar heat 
capacities have been calculated for CHF;, CHCIF2, and CHCI,F in the range T=250°K to 
T =650°K and compared with experimental values where available. The heat capacities have 
been fitted to empirical equations and a term added to correct to finite pressures by means of 
the modified Berthelot equation of state. It has been shown that these equations are accurate to 
5 percent and are far more reliable than the small amount of thermal data available at present. 


I. INTRODUCTION 


HE haloforms are an important group of 

the halogen derivatives of methane. The 
complete understanding of their vibrational 
spectra is necessary before one can accurately 
correlate the data for the other halogen deriva- 
tives of methane which possess less symmetry. 
The fundamentals of CHCl; and CHBr; are well 
known and their assignments are certain.’ 
Recently a number of halogen substituted 
methanes which contain fluorine as one of the 
substituents have been studied by means of the 
Raman effect.? A knowledge of the fundamentals 
in fluoroform would be very helpful in the 
correlation of these data. Glockler and Leader,’ 
in making such a correlation, were led to a 
prediction of the values for CHF3. Moreover 


* This article is based upon excerpts from a thesis to be 
presented to the faculty of the Graduate School of the 
State University of Iowa by Walter F. Edgell in partial 
fulfillment of the requirements for the degree of Doctor 
of Philosophy. 

1 The data on the fundamental vibrations of the mole- 
cules discussed in this paper are from the following sources 
unless otherwise specified: CHCl;, CHBr;—M. Magat, 
“Effet Raman’”’ No. 15 of Tables Annuelles de Constantes et 
Données Numeriques (Paris, 1937). CHs, CF., CH;F, 
CHD;, CHI;—Ta-You Wu, Vibrational Spectra and 
Structure of Polyatomic Molecules (China Science Corp., 
Shanghai, 1939). CHCI.F—G. Glockler, W. F. Edgell and 
G. R. Leader, J. Chem. Phys. 8, 897 (1940). CHCIBrF, 
CHCIBr2, CHCIF,—G. Glockler and G. R. Leader, J. 
Chem. Phys. 7, 553 (1939); 8, 125, 699 (1940). 

2G. Glockler and co-workers, J. Chem. Phys. 7, 278, 
382, 553 (1939); ibid. 8, 125, 699 (1940); Phys. Rev. 54, 
970 (1938); C. A. Bradley, Phys. Rev. 40, 908 (1932). 

( O40) Glockler and G. R. Leader, J. Chem. Phys. 8, 699 
1940). 


they used these predicted values to eliminate 
several lines from the Raman spectrum of 
CHCIF, by attributing them to CHFs. 

The purpose of this investigation was to check 
these predicted values. It will be seen that they 
are not nearly as accurate as one would expect 
from the method used in obtaining them. 


II. EXPERIMENTAL DETAILS 


The fluoroform used in this study was supplied 
by Dr. A. F. Benning of the Jackson Laboratory 
of E. I. du Pont de Nemours and Company and 
was specified as “practically pure.”’ No lines were 
observed that could be attributed to any likely 
impurity. The Raman spectrum was determined 
in the liquid state at —95°C using the usual low 
temperature apparatus described by Glockler 
and Renfrew.‘ A stream of dry air, precooled 
successively by a dry ice-acetone mixture and 
liquid air, was the cooling medium. The source 


TABLE I. The Raman (ines of fluoroform. 











RELATIVE EXCITING DEGEN- 

Av INTENSITY LINEs* ASSIGNMENT ERACY 
508.1 5 a, b V45 “= 
696.7 6 a,b v6 1 
936.8 0 a, V23 2 
1116.5 8 a,b V1 1 
1376.2 3 a,b V39 2 
3062.0 10 a,b v2 1 




















224 


* a =4358 ,b =4046A. 


4G. Glockler and M. M. Renfrew, Rev. Sci. Inst. 9, 306 


(1938). 
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of exciting radiation was eight Ne—Hg discharge 
tubes arranged cylindrically around the liquid 
sample. Eastman spectroscopic plates, type I-J, 
were used. Six lines were observed and they are 
given in the Table I. Microphotometer tracings 
of a portion of the CHF; spectrum, showing all 
six lines, are reproduced in Fig. 1. 


III. ViBRATIONAL ANALYSIS 


The haloforms belong to the symmetry class, 
C;,. There are three parallel vibrations of the 
type A and three perpendicular vibrations of the 
type E. The predictions of group theory with 
regards to the symmetry properties of the normal 
modes of vibration are given in Table II.5* The 
notation is that employed by Kohlrausch for 
CHC1s.5» 


Intensity considerations 


The symmetric vibrations, vs and » are very 
strong in CHC]; and CHBr;' while the symmetric 
vibration, v7, is somewhat weaker. The perpen- 
dicular vibration, v45, is moderately strong while 
the other two perpendicular vibrations, v23 and 
vgg, are weaker. In CHCl; and CHBrs; the order 
of increasing values for the Raman. shifts 
expressed in cm~! is: V45, V6, Vi, V23, Veo, and V7. 
By comparison of the data in Table I with the 
above, it is evident that the CHF; lines 508, 
697, 1376,and 3062 cm correspond, respectively, 
tO v45, ¥6, vs9, and v;. This leaves a weak line at 
937 and an intense one at 1117 cm™ yet to be 


TABLE II. Symmetry properties of the haloform vibrations. 























| STATE OF | 
; POLARIZA- No. OF 
TYPE C3 Or TION LINES NOTATION 
a | | 
A | Ss Ss p 3 V1, V6, V7 
E e e | dp | 3 ¥23, V45, V89 











assigned to vy and v3. The vibrations »; and vo; 
lie at 539 and 656 cm-! in CHBr; with relative 
intensities 10 and 5. The corresponding CHCl; 
fundamentals are 668 and 760 cm— with relative 
intensities 9 and 4. 

Thus one expects »; to be strong in CHF; and 
to lie 80 to 100 cm lower than the weaker 123. 


°K. W. F. Kohlrausch, Der Smekal Raman Effekt, 
+ ce (J. Springer, Berlin, 1938), (a) p. 45; 
p. 150. 


CERTAIN HALOMETHANES 
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Fic. 1. Microphotometer tracing of Raman spectrum of 
CHF;. 3062 cm™ is excited by 4046 while all others by 
4358A. 


However, the opposite order of intensities is 
actually observed. It is hard to conceive of any 
logical reason for the symmetric ‘‘breathing”’ 
vibration to be so weak. The weak line observed 
at 937 cannot be an overtone unless we assume 
an abnormally large anharmonicity. It is also 
impossible to assign it to any likely impurity. 
On the basis of the above considerations 1117 
cm~' is assigned to »; and 937 cm to v3. A 
systematic study of the haloform vibrations by 
means of the theory of small vibrations shows 
that this is actually the case. The assignment is 
given in Table I. 


Application of the theory of small vibrations 


The factors which determine the region of the 
spectrum in which a particular vibration will be 
are in the order of their influence: (1) mass; 
(2) force constants; (3) interatomic dimensions. 
By far the most dominant of these is the mass. 
Thus, one may assume a reasonable potential 
function with reasonable force constants and 
trace the influence of mass upon the various 
vibrations in a spectral sequence of the same 
symmetry, the same force constants being used 
throughout the sequence. The one chosen here 
was CHX; where X=H, D, F, Cl, Br, and I. 
This same method has been applied with notable 
success to the methyl halides by Wagner.® 

It is known’ that the methane derivatives 
with several heavy substituents (as CCl,) are 
best described by a potential function of the 
central force field type rather than one based on 
a valency force field. The general quadratic 


J. Wagner, Zeits. f. physik. Chemie B40, 36 (1938). 
He has also applied the same method to the methylene 
halides (Zeits. f. physik. Chemie B45, 69 (1939)), but here 
the reduced symmetry calls for all nine frequencies, six of 
which lie somewhat close together in the region below 1500 
cm~!, This leads to some question as to the assignment of 
the fundamentals to the particular modes of vibration. 

7D. M. Dennison, Rev. Mod. Phys. 12, 175 (1940). 
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Fic. 2. Theoretical trends in the fundamental vibrations 
of the molecule CHX; under influence of change in mass 
of X atom. —— parallel vibrations; --— perpendicular 
vibrations. 


potential as proposed by Rosenthal and Voge*® 
was used in these calculations. The force con- 
stants were taken as intermediate between those 
of CH, and CHCl; (as determined by Voge and 
Rosenthal®) and were closer to the values for 
the latter molecule. They are as follows: Gi, 
2.90 X 105 dynes/cm; Goo, 4.92; G33, 0.82; Gio 
and Gos, 0; G31, —1.11; Gus, 1.50; Gss and Gee, 
0.56; Gi; and Gs, — 0.20; Gss, —0.30. The inter- 
atomic dimensions used were C—H and C—D 
=1.09A, C—F=1.40, C—Cl=1.71, C-—Br 
=1.90, C—I=2.20. Tetrahedral angles were 
assumed for the valence directions. 

The parallel vibratons gave no difficuty. In 
the case of the perpendicular vibrations there is 
a large change in the force constants in passing 
from CH, to CHCl;. If the values were taken 
too close to those for CHCl;, the solutions for 
the perpendicular vibrations in CH, and CHD; 
were complex. If, on the other hand, the values 
for CH, were taken, the trend in the haloform 
vibrations was not followed too closely. The 
perpendicular force constants, Gy, to Gse, are a 
compromise between these two difficulties. They 
yield good values for CHCl;, but do not quite 
give real values for the perpendicular vibrations 
in CHD; and CH,. However, the value taken 
for v4s in CHD;, 826 cm~, satisfies the cubic 
equation for the perpendicular frequencies to 
4 percent. The values for v23 and vgg of CHD; 
are the solutions of the quadratic equation which 
results from the perpendicular cubic when the 
above value of v45 is substituted into its solutions. 


—- and H. H. Voge, J. Chem. Phys. 4, 134 
°H. H. Voge and J. Rosenthal, J. Chem. Phys. 4, 137 
(1936). 
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This procedure is justified since values derived 
from force constants which yield real solutions 
(i.e., closer to the perpendicular CH, constants) 
do not lie far from those determined by the 
above method. It is obvious in which CH, 
fundamentals these perpendicular frequencies 
have their origin, and the corresponding curves 
were extrapolated back to these values. The 
calculated trends in the fundamental vibrations 
of the spectral sequence CH,—CHD;—CHF; 
—CHCl;—CHBr3;— CHI; under the influence of 
mass and interatomic dimensions are given in 
Fig. 2. The frequencies, expressed in cm, are 
plotted versus ./(1/m) where m=mass of X 
atom in the molecule CHXs. 

The salient features of Fig. 2 are the wide 
sweep of »; from a high value in CH, to a 
comparatively low value in CHI; and the slight 
effect of change in mass upon v3. Thus »; and 
v23 must cross. In predictions of the fundamental 
frequencies of CHF; it has been tacitly assumed 
that this crossing took place in molecules of 
smaller mass than CHF; if indeed this sequence 
was ever considered. Fig. 2 also has this property. 
However, this reasoning (as well as the calcula- 
tion) fails to allow for the comparatively high 
values of the force constants involving the 
motion of the F atom. For the purpose of 
comparison the values of the force constants in 
the methyl halides as determined by Linnett!® 
may be consulted. Both the C—F stretching 
and the deformation constants are high. The 
force constants and the masses enter into the 
solutions for the classical vibrations as ratios 
(i.e., k/m). The frequency, »1, which is most 
dependent upon a change in mass of the X atom, 
is therefore most sensitive to a change in force 
constants involving the motion of the X atom— 
in particular the C—X stretching constant. For 
the same reason the vibration, ve3, which is 
most independent of a change in the mass of 
the X atom, is also least sensitive to changes in 
these same constants. Thus it is not surprising 
to find that »; is displaced far enough to higher 
values to delay the experimental crossing of 1: 
and v3 until after CHFsis passed in this sequence. 

During the course of the preparation of this 
paper it was found that Wagner" had recently 


10 J. W. Linnett, J. Chem. Phys. 8, 91 (1940). 
1 J. Wagner, Zeits. f. physik. Chemie B45, 341 (1940). 
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made a similar calculation for this same sequence 
in reference to the assignment of fundamentals 
in trimethyl methane. His calculations were 
based upon a hypothetical molecule where all 
stretching force constants were set equal to 
3.6 X 10° dynes/cm and all deformation constants 
equal to 1/10 of this value. A simple valency 
force field was assumed. His theoretical curves 
give essentially the same trends as those found 
in Fig. 2. Inasmuch as the haloforms are more 
closely expressed by a potential of the central 
force field type rather than a valency field, and 
since the force constants chosen in this investi- 
gation are based on those actually found in this 
sequence, the theoretical curves, »; and 723, in 
Fig. 2 follow the experimental curves somewhat 
better. For instance, v; and v23 cross at m~?=0.35 
in Wagner’s curves, 0.30 in Fig. 2, and 0.24 in 
the experimentally determined curves (Fig. 3). 

The trends in the fundamental vibrations of 
this sequence as experimentally determined! are 
shown in Fig. 3. It should be pointed out that 
the force constants play a larger role in the 
haloform sequence than in the methyl halides, 
and hence there is not as close agreement 
between the calculated curves (which take into 
consideration the change in mass only) and the 
experimental curves as in the latter case.® 
Nevertheless there is no difficulty in establishing 
the trends in the experimental values. In fact 
it would be quite surprising if v23 in CHF; came 
at any other place than the experimentally 
determined one. 

Wagner’s" results for (CH3)3;CH confirm the 
conclusions drawn above. The experimental 
value for his v2, the vibration least dependent 
upon mass and force constants, is 965 cm. As 
can be seen from our Fig. 3, this value lies 
10 cm~ from the experimental curve for v23 at 
the place where the mass of the X atom is fifteen. 
The values for the other similar vibrations all 
lie between those of CHCl; and CHF;—the 
largest shift being in »;. This is in harmony with 
the fact that the C—C stretching constant is 
about 4.5 10° dynes/cm.” 

The theory of small vibrations gives yet 
another, independent indication of the correct- 
ness of the assignment made in CHF3. Voge and 


® See for instance Ta-You Wu, (reference 1), p. 303. 


HALOMETHANES 227 


Rosenthal? postulating constancy in the CH; 
and CCl; groups and the C —H and C—Cl bonds, 
have determined values for the twelve force 
constants in CHCl; by means of the sequence 
CH,, CH;Cl, CCl, and CHCl;. They found that 
if one sets Gj2=G23=0 in CHCI; and if they used 
the values of the other constants from CCl,, CH, 
and CH;Cl then the values for the parallel 
vibrations (vs, v1, and v;) were exceptionally 
close to the experimental values. In applying 
the same method to the corresponding fluorine 
molecules the solution for the force constants of 
the parallel vibrations in CH;F is complex. This 
is not surprising inasmuch as Slawsky and 
Dennison," using a very similar method applied 
to the methyl halides only, encountered the same 
difficulty. This results from the assumption of 
constancy in the CH; group, neglect of anhar- 
monicities, etc. It is not serious as long as the 
complex part of the solution is small in com- 
parison to the real part. This is the case here. 
Algebraic manipulation makes the quartic in 
Gy. easiest to obtain. The value Gy2=1.55 K 10° 
dynes/cm is the real value which most nearly 
satisfies this equation. This leads to Gee (the 
C—F force constant) =6.4. Slawsky and Denni- 
son, using a valency force field with cross terms, 
arrive at the value 6.09 10° dynes/cm for the 
same quantity. Using the above value and the 
most general quadratic potential function for 74 
symmetry as proposed by Rosenthal," the 
constants for CF, are: A=9.25, B=9.671, 
C=0.532, D=0.863, E=0.569. The set with the 
negative values for D has been discarded. When 
these values, together with the C—H force 








parallel 


_Fic. 3. The spectral sequence CHXs, 
vibrations; --—- perpendicular vibrations; || estimated 
values. 


18 Z. 1. Slawsky and D. M. Dennison, J. Chem. Phys. 7, 
522 (1939). 
14 J. Rosenthal, Phys. Rev. 45, 538 (1934). 
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Fic. 4. The spectral sequence CH4— CF 4. —— connects 
nondegenerate vibrations; —-— connects degenerate vi- 
brations. 


constant = 4.92 X10° dynes/cm, are applied to 
the CHF; molecule, the values for vs, v1, and »; 
are 748, 1163, and 3019 cm~!. These are to be 
compared to the experimental values 697, 1117, 
and 3062 cm~. It can further be shown that 
any change in the CF, constants caused by:a 
change in the C—F constant (using this method 
of evaluation) affects vg and v; almost identically 
and »; in the opposite sense. Thus a change that 
would bring vs from 748 to 697 would also bring 
vy, from 1163 very near to the experimental 
value, 1117, at the same time raising the value 
of v; above that of 3019 cm. To summarize 
the above it may be stated that, using force 
constants based entirely upon the molecules 
CH,, CH3F, and CF, with the assumption of 
constancy in the CH; and CF; groups and C—H 
and C—F bonds, it is possible to calculate values 
for the parallel frequencies of the CHF; molecule 
which differ by only 50 cm~! from the experi- 
mental values. Furthermore any change which 
tends to bring any one of these calculated 
frequencies closer to its experimental value also 
tends to bring the other two calculated fre- 
quencies closer to their own respective experi- 
mental values. 

These two independent calculations based on 
the theory of small vibrations, neither of which 
is dependent in any way upon any experimental 
data for CHFs, point definitely to the assignment 
given in Table I. Nevertheless, this assignment 
must be considered as tentative until polarization 
data are available for this molecule. 


Empirical correlation 


An important property of a set of correctly 
assigned fundamentals for the halomethanes is 
that it be consistent with any spectral sequence 
that may be devised for it. It is apparent that 
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this consistency has been achieved in the 
sequence given in Fig. 3. The assigned funda- 
mentals in CHF; also correlate nicely with other 
sequences. For instance, the spectral sequence 
CH,—CH;F —CHF;—CF, is shown in Fig. 4. 
No other assignment would be nearly as 
satisfactory. 


IV. THE FUNDAMENTALS IN CHCIF>. 


As mentioned above, Glockler and Leader’ 
have estimated the positions of the CHF; 
fundamentals. On the basis of these estimated 
values they have attributed the lines 460, 667, 
and 831 cm, observed by them® in the Raman 
spectrum of CHCIF2, as being due to CHF3. 
In view of the experimental data presented 
above this interpretation can no longer be made, 
and hence the question of the fundamentals of 
this molecule must be reopened. 

The values for the Raman lines reported by 
them are as follows: 369.1 (4); 410.5 (3); 415.4 
(10) ; 459.5 (1); 595.1 (9); 667.3 (2); 793.8 (4); 
804.7 (4); 830.8 (2); 1088.4 (1); 1109 (1); 
1310.2 (2); 1350.0 (2); 3035.0 (6). The values in 
parenthesis are the relative intensities. From 
these fourteen values nine fundamentals must 
be chosen. Their interpretation that 410 and 
415 cm~' are due to the same vibration in 
CHCIH’F, and CHCI*F., respectively, seems 
reasonable and is made here also. These two 
lines are only 5 cm~! apart, yet they are clearly 
seen as two lines of different intensities on their 
plates. This raises some question as to their 
treatment of each of the broad lines at ca. 800 
cm—! and ca. 1100 cm~ as a pair of lines. Here 
these lines shall be treated each as only one line, 
and hence measurements were made on the 
center of these lines. The values are given in 


TABLE III. The fundamentals in CHCIF2 and CHC1F. 








As- | As- 
SIGN- SIGN- 
MENT CHCIF:2 CHChF MENT CHCIF:2 CHChF 


1099 cm—) 1067 cm™! 





vs | 369 cm™ | 277 cm™ V3 


vs | 415 366 vgs | 1310 1255 
ve | 595 457 vg | 1350 1310 
vy, | 799 732 vw, | 3035 3020 
vo | 831 795 























16 Two of these lines were previously observed by G. 
Glockler and J. Bachmann, Phys. Rev. 55, 669 (1939) 
using the same sample. 
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Table III. The lines at 460 and 667 cm are now 
attributed to CCl:F2 as an impurity. The two 
strongest lines of this molecule, as reported by 
Bradley,? are 455 and 664 cm! with intensities 
7 and 10. These are the relative intensities 
observed for the lines in question. Moreover 
values reported by this laboratory are on the 
average about 3 cm~ higher than those observed 
by Bradley for the same substances (cf. data for 
CHCI.F as determined by Glockler, Edgell, and 
Leader"®). Dr. Benning, who also supplied the 
CHCIF. used by Glockler and Leader, found 
evidence of an impurity in his sample of CHCIF, 
which he was unable to remove.!” Vapor density 
measurements at low pressures indicated a 
molecular weight of 87.25 instead of the theo- 
retical value of 86.46. This corresponds to 2.3 
percent of CCI.F2 as the impurity. 

The above elimination leaves nine lines and 
they are attributed to the nine fundamentals of 
CHCIF». Six of these are the same as reported 
by Glockler and Leader. Two more come from 
the treatment of the two broad lines as having 
only one component. The ninth fundamental is 
the line at 830.8 cm~'. This might be interpreted 
as the overtone of 415.4, but this postulates no 
anharmonicity. Moreover it appears too intense 
for this classification. It is evident from a 
consideration of several sequences that a funda- 
mental should lie in this region, and hence we 
assign it to v2.'8 The values of the fundamentals 
selected for CHCIF.2 and their assignments are 
given in Table III. These fundamentals are 
correlated with those of CHCIl.F, CHCIBrF, 
and CHCIBre in Fig. 5.1 It would appear at 
first glance that v3 is inconsistent. However, it 
has been shown* that trihalomethanes show a 
characteristic C—X vibration whenever X is 
the lightest halogen present. It can also be 
shown that the presence of more than one of the 
lightest halogen atoms modifies this vibration 
only slightly. In CHCIBr2, v3; has the value 
characteristic of the C—Cl vibration, 750 cm—. 
In passing to CHCIBrF and CHCI,F fluorine 


16 G. Glockler, W. F. Edgell, and G. R. Leader, J. Chem. 
Phys. 8, 897 (1940). 

7A. F. Benning and R. C. McHarness, Ind. Eng. 
Chem. 32, 698 (1940). 

18 A private communication from Dr. Ta-You Wu has 
recently been received in which he also makes the same 
assignment. 
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becomes the lightest halogen present and v3 has 
the characteristic C—F vibration, ca. 1065 cm—. 
The addition of a second fluorine atom to 
form CHCIF»2, of course, only slightly changes 
thé value of v3 to 1099 cm. The consistency of 
Fig. 5 is a strong argument for the correctness 
of the assignment given to CHCIF» in Table III. 


V. Heat Capacities or CHCIF, 
AND CHF; 


CHCIF2, 


These compounds are of importance in the 
refrigeration industry, hence accurate thermo- 
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Fic. 5. The spectral sequence CHCIBrz—CHCIF». 


dynamical data are of considerable importance. 
Unfortunately no thermal data are available by 
which one might evaluate AH,° of formation. 
It was therefore impossible to obtain the free 
energy or heat of formation for them. The heat 
capacities were calculated by the well-known 
harmonic oscillator-rigid rotator approximation. 

It has been shown by a number of investi- 
gators’ that for this type of molecule the 
rotational heat capacity has very nearly its 
classical value by the time room temperature 
has been reached. Moreover the assumption of 
rigid rotators and simple harmonic oscillators 
causes little error.2° The values for the funda- 
mental frequencies of CHCI,F are given in 
Table III from the data of Glockler, Edgell, and 
Leader.'® They have interpreted the two lines 
at 727 and 738 cm~ as being due to Fermi 
resonance, so 732 was taken as the value of the 
unperturbed fundamental. The use of the mean 


19 DPD. P. MacDougall, Phys. Rev. 38, 2074 (1931); D. S. 
Villars, tbid. 38, 1552 (1931), and others. 

20 A. R. Gordon and C. Barnes, J. Chem. Phys. 1, 692 
(1933); bid. 2, 65 (1934), and others. 





leads to little error in this case since the two 
lines are so close together. The values used for 
CHCIF, and CHF; are from this paper. In both 
CHCIF, and CHCI:F each fundamental corre- 
sponds to just one degree of vibrational freedém. 
In CHF; there are nine degrees of vibrational 
freedom and six lines. Three of these, the 
perpendicular vibrations, have a_ statistical 
weight of two. 

As is customary, the values of all constants 
were taken from the International Critical 
Tables. Recently a paper has appeared”! in which 
the newer values for the fundamental constants 
were used. In the case of heat capacities this 
makes little difference—changing the value of 
hc/k from 1.432 to 1.435 if the values of Dun- 
nington” are used. Some change, however, would 
be introduced into the values for entropy and 
free energy. Since thermodynamics is primarily 
interested in the change in these quantities for 
certain reactions, it is felt that greater inner 
consistency will be achieved if all calculations 
are based on the same set of constants. Giauque,” 
in a quaint parable, has shown the difficulties 
that arise when two sets of values are used in 
the case of temperature. 

The calculated values of Cp® appear in Table 
IV. The standard state is the usual one of unit 
fugacity and zero pressure. 

The correction to finite pressures is given by 


PPV 
Cp=C. rf (—) dP. 
p=Cp , Nard, 


Benning and McHarness" have determined data 
of state for CHCI,.F and CHCIF. which they 


TABLE IV. Cp® for some trihalomethanes. 








T°K | CHF: 'CHCIF: CHCLFt T°K CHF; ‘CHCIF: CHCLFt 





ce cal./°K mole cal./°K mole 

250 | 11.37 | 12.50 13.41 (450 16.24 17.12 17.74 
273.1 12.01 | 13.14 14.01 473.1 16.68 17.52 18.11 
298.1 I 12.68 | 13.79 | 14.64 |500 17.15 17.95 18.51 
300 12.73 | 13.85 | 14.68 550 17.95 18.67 19.17 
350 | 14.02 15.07 15.85 |600 18.65 19.30 19.75 
373.1 14.58 | 15.59 16.32 | 650 19.27 19.85 20.26 
400 | 7 | 16.85 








t Cp for this substance was calculated by G. R. Leader, Studies in Molecular 
Structure (Ph.D. thesis), University of Minnesota (1940), at different temperatures 
and using he/k=1.435. 


#1E. H. Eyster and R. H. Gillette, J. Chem. Phys. 8, 
369 (1940). 
2 F.G. Dunnington, Phys. Rev. 55, 683 (1939). 
23 W. Giauque, Nature 143, 623 (1939). 
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express by means of the equation 
P=(aT+6) V+ (cT+d)V?+eTV—. 


Although their equations reproduce their data, 
they lead to unreasonable values for (d?V/d77*) p. 
This is quite understandable since only several 
measurements were made at any one pressure. 
The modified Berthelot equation of state was 
used in evaluating this second derivative. This 
gives 


Cp=Cpot+ (81RP/32P.)(T./T)*. 


The critical temperature and pressure of CHCI.F 
and CHCIF, used were determined by Benning 
and McHarness.** They are 451.6°K, 51.0 atmos. 
and 369.1°K, 48.7 atmos., respectively. Booth and 
Swinehart® have also determined T,=369.5°K 
and P,=48.48 atmos. for CHCIF2. The critical 
temperature of CHF; has been estimated by the 
Guldberg-Guye* rule, T.=KT;, where T, is the 
temperature of the boiling point. Bachmann” 
has shown that K=1.6 for the fluorochloro- 
methanes. This gives T.=306°K. He has also 
devised a means of correlating P. with molecular 
weights for these same molecules. This leads to 
an estimated value of P.=47 atmos. for CHF; 
which cannot be too much in error since this 
method leads to a value of P.-=49.7 atmos. for 
CHCI1,F. Should the fluoroform value be in error 
by 3 atmos., it would lead to an error of only 
6 percent in the correction which is only 0.1 
cal./°K mole at 298.1°K and 0.05 cal. at 373.1°K. 

Benning and co-workers” have determined the 
heat capacities of CHCl.F and CHCIF»2 at one 
atmosphere in the temperature range 35°C to 
135°C. In view of the small number of determi- 
nations no conclusions can be drawn with regard 
to the correctness of our assigned fundamentals. 

The values of Cp® have been fitted to the 
usual empirical equation by the method of least 
squares. To each of these equations have. been 


* A. F. Benning and R. C. McHarness, Ind. Eng. Chem. 
31, 912 (1939). 

25H. S. Booth and C. F. Swinehart, J. Am. Chem. Soc. 
57, 1337 (1935). 

26 P, Fugassi and C. Rudy, Ind. Eng. Chem. 30, 1029 
(1938). 

27 J. H. Bachmann, Studies in Molecular Structure (Ph.D 
thesis), University of Minnesota, (1939). 

26 A. F. Benning, R. C. McHarness, W. H. Markwood, 
and J. W. Smith, Ind. Eng. Chem. 32, 976 (1940). 
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added (the last term) the correction to finite 
pressures given by the equations and constants 
of state discussed above. They are 


CHCLF: Cp=5.334+0.03815T 
—23.48X 10-°72+9.081 x 106P/T’, 

CHCIF,: Cp=3.929+0.04034T 
—24.5110-°72+5.189X 106P/T®, 

Cp =2.699+0.04037T 
— 22.92 10-672+3.066 X 10°P/T*. 


CHF;: 


Error 


The largest error in these calculations is that 
due to the use of the Raman frequencies deter- 
mined in the liquid state. This on the whole 
should not exceed 2 percent. The error due to 
the assumption of rigid rotators and simple 
harmonic oscillators is somewhat less than 1 


ALDEHYDES AND 


KETONES 231 
percent. Thus the tabulated values of Cp° 
should be accurate to 3 percent. The empirical 
equation for Cp® of CHCI.F reproduces the 
tabular values to within 0.04 cal./°K mole; for 
CHCIFs2, 0.03; for CHF3, 0.02. The use of the 
modified Berthelot equation of state in correcting 
to finite pressures introduces further error. All 
in all, the empirical equations above should give 
the heat capacities of the gases at one atmosphere 
to 5 percent. Even so they are more reliable 
than the fragmentary experimental data that is 
available at present. 

We wish to thank Dr. Benning of the Jackson 
Laboratory of E. I. du Pont de Nemours and 
Company for the loan of the fluoroform used in 
this investigation. 
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The Long Wave-Length Spectra of Aldehydes and Ketones 


Part I. Saturated Aldehydes and Ketones 


Henry L. McMurry 
Ryerson Physical Laboratory, University of Chicago, Chicago, Illinois 
(Received October 21, 1940) 


Intensity calculations are used to help in deciding 
which of two theoretically predicted transitions should be 
identified with the weak longest wave-length absorption 

\ 
characteristic of the unconjugated C=O group. In terms 
of the localized LCAO MO and the AO approximations 
used, one of these transitions is forbidden while the 
calculated intensity for the other, allowed, transition is 
much too large to be compatible with the low intensities 
observed for the absorption. The observed absorption 
should, therefore, be ascribed to the forbidden transition. 
The Q and S integrals needed for the calculations, involving 
AO’s of the C and O atoms, are tabulated. The intensity 
for the allowed transition, when expressed using semi- 
localized LCAO MO’s depends somewhat on the nature of 


I. INTRODUCTION 


C=O 
Va 
is present in a molecule a weak absorption 
region appears at relatively long wave-lengths.'—5 


Cf. E. Eastwood and C. P. Snow, Proc. Roy. Soc. 
A149, 434 (1935). 


W HENEVER the carbonyl group 





the atoms attached to the C=O group. The absorption 
regions appearing at shorter wave-lengths in ketones and 
aldehydes are discussed. It is concluded that the \1900 
region in ketones is characteristic of the C=O group and 
probably is due either to a Rydberg transition or most 
likely to the allowed transition for which intensity calcu- 
lations have been made. If the latter is true the upper level 
of the 41900 absorption could be largely responsible for the 
perturbations which cause the appearance of the long wave- 
length forbidden transition. It is shown that the long wave- 


length absorptions from the C=S groupcan be explained 


\ 
in the same manner as those for the C=O group. 


4 


In saturated aldehydes and ketones (molecules of 


the type RR’CO, where R and R’ are alkyl 


2G. Scheibe and W. Frémel, Eucken-Wolf Hand- und 
Jahrbuch der chem. Physik 9, Part IV (1936); especially 
p. 164 on. 

3 F. O. Rice, Proc. Roy. Soc. A91, 76 (1914-1915): pure 
liquid ketones. 

4J. Bielecki and V. Henri, Ber. d. D. Chem. Ges. 46, 
3627 (1913): aldehydes and ketones in alcohol solution. 

5 Int. Crit. Tab. Vol. 5; Landolt-Bérnstein, Physikalisch- 
Chemische Tabellen. 




































ee ee 


232 HENRY L. 


groups or hydrogen atoms) this absorption 
always appears somewhere near \2900 and 
possesses a low intensity which is of the same 
order of magnitude for all these molecules. In 
conjugated aldehydes and ketones, where a 
C=O group is conjugated with a C=C group or 
with another C=O group, this weak absorption 
is shifted toward longer wave-lengths.” ® 

The regularity with which this absorption 
appears in molecules containing the C=O group 
shows definitely that the absorption arises from 
this group, while the similarity of its intensity 
in all these molecules strongly suggests that the 
transition is essentially the same regardless of 
the molecule for which it is observed. 

In formaldehyde (H2CO) this absorption con- 
sists of a series of very sharp bands. The rota- 
tional analysis for some of these bands has been 
given by Dieke and Kistiakowsky.* Using this 
analysis, Mulliken’ showed that, among all the 
possible excited states possessing the proper 
symmetry characteristics to explain the observed 
band structures, only two appeared to merit 
consideration. The transition to one of these 
states involves excitation of an electron from a 
wave function in the molecular plane and having 
a node through the C—O line to a wave function 
which is perpendicular to this plane and also has 
a node through the C—O line. Apparently the 
wave function from which this excitation comes 
is largely localized on the oxygen atom and its 
electron is nearly nonbonding. The other transi- 
tion involves excitation of this same nonbonding 
oxygen electron to a wave function concentrated 
along the C—O direction. 

The first of these two transitions is forbidden 
by the electronic selection rules but may still 
be capable of producing the observed absorption 
because perturbations of the electronic wave 
functions by molecular vibrations can remove the 
“‘forbiddenness”’ of the transition. The second 
transition is an allowed transition which, on 
examination, is seen to be essentially of the 


6G. H. Dieke and G. B. Kistiakowsky, Proc. Nat. 
Acad. Sci. 18, 367 (1932); Phys. Rev. 45, 4 (1934). 

7R. S. Mulliken, J. Chem. Phys. 3, 564 (1935). 

8 This type of transition has been discussed by G. Herz- 
berg and E. Teller (Zeits. f. physik. Chemie B21, 410 
(1933)). The weak long wave-length absorption near 
2600 in benzene is an example of such a transition 
(H. Sponer, G. Nordheim, A. L. Sklar and E. Teller, 
J. Chem. Phys. 7, 207 (1939)). 


McMURRY 


perpendicular N—Q type recently discussed by 
Mulliken,*'!° except that here nondegenerate 
states are involved. 

In other molecules containing the C=O group 
transitions analogous to these must occur. In 
most of these molecules the symmetry of formal- 
dehyde (C2,) is only approximately preserved 
for the C=O group and its attached atoms, and 
the transition which is forbidden in HCO be- 
comes formally allowed. The intensity for this 
transition may, therefore, be expected to increase 
in the more complex molecules where the sym- 
metry is the lowest and where changes in the 
electronic-vibrational interactions’ may also alter 
this intensity. However, both transitions are 
expected to retain their distinguishing features 
even in the more complicated molecules, and for 
this reason they will be respectively referred to 
hereafter as the allowed and the forbidden 
transitions. 

Several lines of evidence favor the assignment 
of the forbidden transition as explaining the long 
wave-length absorption in aldehydes and ketones. 
Gradstein'"' has shown that the vibrational 
structure of the long wave-length fluorescence 
and absorption bands in H2CO can be analyzed 
best if they are assumed to come from a for- 
bidden transition. According to Scheibe and 
Frémel the intensity for this absorption in other 
aldehydes and ketones increases somewhat with 
growing complexity of the constituents attached 


to the C=O group.” This behavior might be 


expected for the forbidden transition in these 
molecules. McMurry and Mulliken" have pointed 
out that the calculated intensity for the allowed 
transition appears to be too high to explain the 
observed long wave-length absorption in alde- 
hydes and ketones. Furthermore, the shift of 
the absorption toward still longer wave-lengths 
upon conjugation of a C=O group with C=C or 


®R.S. Mulliken, J. Chem. Phys. 8, 234 (1940). 
10 R.S. Mulliken, J. Chem. Phys. 8, 382 (1940). 
1S, Gradstein, Zeits. f. physik. Chemie B22, 384 (1933). 
12 See reference 2, p. 169. This effect is noted particularly 


for molecules in which the C=O group is conjugated 


with C=C or other C=O groups but is said to be present 
in the saturated molecules also. 

13H. L. McMurry and R. S. Mulliken, Proc. Nat. Acad. 
Sci. 26, 312 (1940). 
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other C=O groups was shown to be in agreement 
with the nature of the forbidden transition. 
The present work gives details of the intensity 
calculations and the conclusions to be derived 
from them. 


Il. THE Use or INTENSITY CALCULATIONS IN 
IDENTIFYING ELECTRONIC TRANSITIONS 


A. The validity of the calculations 


Mulliken has shown that for many transitions 
where the type of excited state is known, the 
observed absorption intensity is of the same 
order of magnitude as that calculated quantum- 
mechanically, using approximate molecular wave 
functions.® !® 4-16 These comparisons have been 
made for severa! molecules where transitions of 
the perpendicular V—Q type, analogous to that 
for the allowed transition considered here for the 
carbonyl group, are known.*!° Considering the 
nature of the calculations, the agreement be- 
tween calculated and observed intensities for 
most of these molecules is good and the ratio of 
the calculated to the observed intensity is roughly 
the same for all the molecules. There are some 
exceptions for molecules with heavy nuclei like 
I,, but these appear to be connected with the 
very strong spin-orbit coupling which occurs in 
these molecules. This condition cannot be present 
in aldehydes and ketones. 

These results indicate that the calculated in- 
tensity for the allowed transition in aldehydes 
and ketones should, after multiplication by a 
suitable correction factor, be close to the actual 
intensity. A calibration factor can be obtained 
from the ratio of the observed to calculated in- 
tensities for the known N->Q transitions in other 
molecules.* !° Intensities obtained by so multi- 
plying the calculated intensity by a correction 
factor will hereafter be referred to as predicted 
intensities. 


B. Application 


The intensity observed for any absorption 
region in a molecule can be compared with the 
predicted intensities for the theoretically ex- 
pected transitions most capable of explaining the 
4 R.S. Mulliken, J. Chem. Phys. 7, 20 (1939). 

®R.S. Mulliken, J. Chem. Phys. 7, 121 (1939). 


6 (a) R. S. Mulliken, J. Chem. Phys. 7, 364 (1939); 
(b) ibid. 7, 570 (1939). 
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absorption. In seeking possible assignments for 
the absorption, those transitions for which the 
predicted intensities differ widely from the ob- 
served may be excluded. 

In explaining the longest wave-length absorp- 
tion in aldehydes and ketones there is a choice 
between the “allowed” and the ‘‘forbidden”’ 
transitions. Since the intensity can be predicted 
only for the allowed transition, it alone can be 
compared with that observed for the longest 
wave-length absorption. If there should be agree- 
ment, this absorption could safely be ascribed to 
the allowed transition. The forbidden transition 
would then be expected to occur nearby, but 
probably with a much lower intensity.'7 How- 
‘ever, if the predicted intensity should be much 
larger than the observed (this is actually the 
case), the long wave-length absorption would be 
assigned to the forbidden transition and the 
allowed transition would be sought at shorter 
wave-lengths, 


C. Methods of calculation 


Comparisons between observed and calculated 
intensities may be made either through the use 
of the dipole strength, Q*, or the f value for the 
transition.!* These quantities are related approxi- 
mately as follows : 


f=1.096 X10"Q%r, (1) 


where » is the position of the center of the ab- 
sorption band in cm~. 

A theoretical value of Q can be obtained by 
evaluating the electric moment integral (refer- 
ence 18, Eq. (4)) using approximate wave 
functions for the states involved in the transition. 
With the aid of Eq. (1) this Q may be compared 
with the experimentally determined f obtained 
by integrating the observed absorption coefficient 
across the band (Eqs. (19) and (3) of refer- 
ence 18). 

In the present work Q will be calculated for 
the allowed transition in H.CO, using both the 

17 Conceivably the intensity of the forbidden and 
allowed transitions might be about the same. However, 
this would require two absorptions of at least noticeable 


intensity fairly close together. This apparently is not 
observed for these molecules. 

18 Cf. R. S. Mulliken, J. Chem. Phys. 7, 14 (1939); 
also references 9, 10, 14-16. 

19 A factor G’, corresponding to the number of degenerate 
wave functions appearing in the excited state, has been 
omitted in Eq. (1). Its value in the present case is one. 
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Fic. 1. Axes for H2CO. 


atomic orbital (AO) and the localized molecular 
orbital (MO) approximations to the molecular 
wave functions. The theoretical intensity ob- 
tained for H.CO will be shown to apply without 
appreciable change to other aldehydes and 
ketones, and can therefore be compared with the 
experimentally determined intensity for these 
molecules. 

For any approximation, it is convenient first 
to write down electron configurations for each of 
the electronic states involved in a transition; 
next to write out the corresponding wave func- 
tions; finally, to substitute in the integral for Q. 


III. INTENSITY CALCULATIONS FOR THE ALLOWED 
TRANSITION IN H2CO 


A. Localized MO configurations for H.CO 


Usually calculations can be made only in 
terms of MO’s approximated by LCAO forms 
(linear combination of the outer shell AO’s of 
the atoms involved). In this section calculations 
will be made in terms of localized LCAO MO’s.”° 
The intensity predicted in terms of nonlocalized 
LCAO MO’s will be discussed qualitatively in a 
later section (III H). 

In constructing the MO’s for HsCO the 
2p AO’s of the carbon and oxygen atoms will be 
taken with their positive parts directed along 
the positive x, y, or 2 directions (cf. Fig. 1), 
except for (2.)o which will be taken with its 


20 Cf. F. Hund, Zeits. f. Physik, 73, 1, 565 (1931-32). 
Also see R. S. Mulliken, J. Chem. Phys. 3, 375 (1935) for 
an outline of the method of molecular orbitals. 
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positive part toward the carbon atom. For 
simplicity the symbols sc, xc, yo, 20 and so on, 
will be used to denote the AO’s (2s)c, (2pz)c, 
(2py)o, (2p2)o and so on. 

In H2CO it is known that the bonds extending 
from the carbon atom lie in the molecular plane 
and are about 120° apart.2! Carbon orbitals 
suitable for these bonds may be approximated by 
forming three mutually orthogonal linear com- 
binations of yc, 2c and sc AO’s.” These mixed 
AO’s will be denoted by f;, ¢2 and t3. The AO’s t, 
and f2 are used with the hydrogen 1s AO’s s; and 
S2 to form localized bonding MO’s, while the ¢; 
and Zo AO’s are used to form one of the two C—O 
bonding MO’s. Suitable forms for the t AO’s of 
carbon have been described by Pauling; in the 
present calculations ‘‘trigonal’’ AO’s have been 
employed.” The second of the two C—O bonding 
MO’s is formed using the xc and xo AO’s. 

The electron configurations for the normal 
state and for the two excited states (which may 
be called 'E and 'Z) involved in the forbidden 
and allowed transitions, respectively, are written 
as follows :* 


1N- + + (syt1)?(Sote)?(t320)?(xcx0)?(Yo)?, 1A, 
3, 1F- cece eee eee (yo) (xc%o), 3, 14 2 
B1Z 222 2 ee tee cee cee (yo) (tsZo), 3.1Bo. 
(2) 


Here any symbol such as (s;f;) indicates an 
electron in a localized MO built up from the 
AO’s, s; and ¢,.2° The bars used in the excited 
configurations indicate antibonding MO’s. In 
this approximation the 2), electrons are assumed 
to be localized entirely on the oxygen atom, and 


12D. P. Stevenson, J. E. LuValle and V. Shomaker, 
J. Am. Chem. Soc. 61, 2508 (1939): electron diffraction 
of H2CO. 

2 Cf. L. Pauling, The Nature of the Chemical Bond 
(Cornell University Press, 1939), pp. 88 and 89, footnotes. 
The pure “‘trigonal’’ functions are as follows: 


th = —sc/3'+yo/24—20/64 
te = — sq /34— yo/24—2¢/64 
ts = Sc /3'+2¢(2/3)}. 


Other somewhat more general mixtures of sc, yo and 2c are 
also given by Pauling and would be appropriate here. 
Calculations made in terms of these give results differing 
but little from those obtained with the trigonal forms 
used above. 

23 The species symbols !A,, *1A2, *!By in Eq. (2) apply 
strictly only to molecules having C2, symmetry. The 
symbols !N, !£, and !Z may be used to refer to the states 
of aldehydes and ketones where the C2, symmetry is no 
longer present. (See reference 34 for a discussion of the 
use of symmetry properties in describing molecular wave 
functions.) 
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to be nonbonding. For this the brief symbol yo 
is used in (2). The triplet states indicated in (2) 
should exist as low energy states but transitions 
to them are probably so exceedingly weak that 
they have escaped observation. 


B. AO configurations for H,CO 


The AO wave functions for the normal and 
excited states of HeCO can be approximated by 
linear combinations of wave functions corre- 
sponding to both polar and nonpolar charge 
distributions in the C=O part of the molecule. 
Several configurations are, therefore, needed to 
describe a single electronic state.** Those which 
contribute most to the normal and excited states 
N and Z of H2CO are given in Eq. (3). The 
description of the E state is omitted since it is 
not involved in the present calculations: 


{ (sits) (se 2) (ta 20) (%e*¥0) (Yo Yo), I} 


1N (Z0°Zo) a ‘re 4 II 14, 
vee se (t3*20)(X0* Xo) , ni! 
(3) 
[ (S11) (2° #2) (ts- 20) (xe *0) (20° Yo), IV] 
317-2 see cee ee 31B>, 


(yorts), V 
(xc*Xc)(Z0° Yo), v1) 


Here any symbol such as (s;:t;) represents two 
electrons in two AO’s (in this case s; and 4), 
the electrons being paired with opposite spins. 
The numbers I, II --- VI will be used later in 
designating the wave functions corresponding to 
the configurations bearing these numbers. 

In Eq. (3) the normal state configurations II 
and III correspond to C+O~ polarity while in 
the excited state Z, configurations V and VI 
correspond to C-O+ polarity. Polar configura- 
tions other than these are expected to give only 
small contributions and have been omitted. 


C. Wave functions for H.CO 


For making intensity calculations, abbreviated 
wave functions can be used which include only 
those electrons affected by the transition.*5 In the 
MO treatment only the electrons in MO’s from 
or to which excitation takes place need be con- 


* Cf. J. H. Van Vleck and A. Sherman, Rev. Mod. 
Phys. 7, 167 (1937). 

%See reference 9, footnote 18, p. 239, where these 
simplifications are discussed for the wave functions em- 
ployed for calculating the N—(Q intensities in the halogen 
molecules. 


KETONES 235 
sidered. In the AO treatment all pairs of elec- 
trons which are not identical in the initial and 
final wave functions of the transition must be 
included. 

In the present case these rules make possible 
calculations with two- or six-electron wave 
functions, depending on whether the MO or the 
AO wave functions are employed. The MO and 
AO wave functions for the 'N and 'Z states de- 
scribed in (2) and (3) may be expressed as 
follows: 


MO: ¥(}N) = yo(1)¥o0(2) 
¥(1Z) =2-*Lyo(1)tsZ0(2) +t3Z0(1)yo(2) J, (4) 


AO: WEN) = (apit2*b~irt 2%eprir) /2 X (6!)! 
VIZ) = (a’Yrv —b’pv +21) /2 X (6!)?. (5) 


Here the wave functions corresponding to the 
configurations I, II---VI of (3) are denoted re- 
spectively by y1, yu---Yv1. The following nor- 
malizing relations hold for the coefficients appear- 
ing in the AO expressions for ¥('N) and y('Z) in 
Eq. (5).?6 


a*(1+S,*)(1+S,?)+0°(1+5S,?) +2(1+S,*) 
+2'(abS,(1+S,) +acS,(1+5S,*)] 
+2bcS,S,=1; (6) 
Se= fzotsdv, S.= Sxcxodv 
a’*(1—S,2)(1+S,2) +61 —S,2)(1+S,2) 
+c”?(1—S,?)+a’b’S,(1—S,*)(1+S,’) 
+23[a’c’S,(1—S,’) 
+b'c'S,S(1—S.2)J=1. (7) 


The wave functions y---yYyi of (5) can be 
expressed as six-electron wave functions analo- 
gous to the four-electron wave functions used by 
Mulliken to describe the N and Q states of the 
hydrogen halides.'° 


D. Intensity calculations for H,CO 


The wave functions given in Eqs. (4) and (5) 
may be used to evaluate the dipole moment 
integral.'* The procedure for doing this has been 


26 When an electronic state is described using a com- 
bination of ionic and nonpolar AO configurations its wave 
function approaches that used in the LCAO MO approxi- 
mation. The signs of the coefficients of the terms in the AO 
wave function may be determined by expanding the 
corresponding LCAO MO wave function and comparing 
the signs of like terms which appear in both approxima- 
tions. This method has been used here to determine the 
signs of a, b, c, a’, b’, and c’ in (5). These coefficients are 
themselves here taken as positive numbers. 
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described by Mulliken.’ This procedure gives the 
following expressions using the MO and AO 
approximations, respectively :?7 


MO: Q=2!S (yo)y(ts%o)dv = 2'gQyots, (8) 


AO Q= Qvots | [1 + S,?][2aa’ So 
+ab'(1+.S,?)+2}(ba’ +bb’ Se) ] 
+S,[2'Se(ac’+ca’) + 2bc’ 

+2'cb’(1+S,7)+2cc’S,S,]}. (9) 

Here 


Qvots= S (vo) y(ts)dv. (9a) 


The coefficients a, b, c, a’, b’, c’ are those appear- 
ing in Eq. (5). The letter y in Eqs. (8) and (9a) 
stands for the coordinate y of a single electron, 
and originates from 24: in Eq. (4) of reference 


18 which here becomes }-y;, since the transition 
4 


considered is y-polarized. The symbols yo and fs 
refer to AO’s already discussed. 

A useful estimate for the value of the integral 
Quots appearing in Eqs. (8) and (9) may be 
obtained by calculating it in terms of the analytic 
AO’s described by Slater.?* The polarity coeff- 
cients g, a and so forth in Eqs. (8) and (9) may 
be estimated so as to be in harmony with in- 
formation concerning the electro-negativities of 
the atoms in the molecule.?® When this is done, 


TABLE I. Q and S integrals (rco =1.22A). 

















VALUE (Q's 
INTEGRAL IN A) INTEGRAL VALUE 
Qvor 0.159 S zoscdv 0.31 
Qvosc 0.137 JS zot3dv 0.43 
vot, 0.208 JS xcxodv 0.22 
JS 202cdv 0.31 

















27 These expressions are similar to those obtained by 
Mulliken for the analogous transitions in the hydrogen 
halides (reference 10, Eqs. (24) and (34)). In the hydrogen 
halides the excited states are degenerate. The Q’s for 
transitions to all of the degenerate states are given by 
expressions which are obtained in the same way as the Q 
for the N—Z transition discussed here. In the present case 
the coefficients c and c’ appear because the x electrons 
introduce new terms in the wave functions for the !N and 
1Z states. If these coefficients are put equal to zero, Eq. (9) 
becomes identical with Eq. (34) of reference 10 when 
Qex=0 and c=0 in that equation. In the hydrogen halides 
the coefficient c represents the contribution of the A~X* 
configuration to the normal state. The analogous contri- 
bution is here certainly small, and has been taken to 
be zero. 

28 J. C. Slater, Phys. Rev. 36, 57 (1930). 
193s S. Mulliken, J. Chem. Phys. 2, 782 (1934); 3, 573 

). 
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theoretical values of the dipole strength or the 
f value may be obtained for comparison with 
observed values for the longest wave-length 
absorption. 


E. Intensities for aldehydes and ketones 


Since the integrated intensity for the long 
wave-length absorption is not known for formal- 
dehyde itself, comparison must be made using 
experimental absorption curves of other alde- 
hydes and ketones either as pure liquids or in 
solution.*~* *°-® This is justified because Eqs. (8) 
and (9) apply equally well to all aldehydes and 
ketones. This statement is based on the fact that 
the atoms adjacent to the carbon atom of the 


\ 


C=O group are probably always in the same 
Pk 
plane with this group and lie in directions from 
the carbon atom which are close to 120° apart.** 
Thus the carbon AO’s used in forming the 
localized bonds from the carbonyl group are 
essentially the same for all aldehydes and 
ketones, and those parts of the wave function 
describing the two C=O bonds are essentially 
the same for all these molecules. Since the AO’s 
describing the C=O bonds are the only ones 
appearing in the expressions for Q (Eqs. (8) 
and (9)), these equations may be employed in 
calculating the intensity for this transition re- 


gardless of the molecule containing the C=O 


i 
group. 


F. Results 


Numerical values for the integrals appearing in 
Eqs. (8) and (9), calculated using Slater AO’s,”* 
are given in Table I. The integral Qyots is com- 
posed of two parts, Qyosc and Qyozc, correspond- 


30G. Scheibe, Ber. d. D. Chem. Ges. 58, 586 (1925): 
acetone in hexane, conjugated ketones. 

31H. Ley and B. Arends, Zeits. f. physik. Chemie B12, 
132 (1931); J. Bielecki and V. Henri, Ber. d. D. Chem. Ges. 
46, 3627 (1913): pure acetone. 

#2 A. Liithy, Comptes rendus 176, 1547 (1923); Zeits. f. 
physik. Chemie A107, 285 (1923): acetaldehyde, acrolein 
and crotonaldehyde in hexane. 

33 Cf. reference 21, also D. P. Stevenson, H. D. Burnham 
and V. Shomaker, J. Am. Chem. Soc. 61, 2922 (1939); 
J. E. LuValle and V. Shomaker, J. Am. Chem. Soc. 61, 
3520 (1939), for information from electron diffraction 
experiments on several aldehydes and ketones. 
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TABLE II, Calculated and observed values of Q* and f. 








Usinc Q From Ea. (9)* | 














| 
NONPOLAR N AND | PoLar N State, Non-| NoNPOLAR N State, NanpZ States | 
Z STATES POLAR Z, STATE PoLarR Z STATE BotH POLAR 
(b =c =0;a=0.90;| (b=c =a/24=0.40; (b =c =0; a =0.90; (b =c =a/2) =0.40; 
USING Q FROM v =c’ =0; b’ =c’ =0; a =1.08) b! =c’ =a’/25; b’ =c =a’ /24; 
Ea. (8) a’ =1.08) a’ =0.68) a’ =0.68) Oss. VALUEST 
Q? (in A?) 0.0872? 0.033 0.078 0.063 0.057 0.001 
f 0.035g2 0.013 0.031 0.025 0.023 0.0004 




















* For the specific cases indicated the coefficients may be calculated from Eqs. (6) or (7). : 

+ The observed f has been obtained from the absorption curves for acetone given by several authors (references 3-5, 30, 31) by using Eqs. (3) 
and (19) of reference 18. The value 0.0004 is an average for all these results. The correction used by Mulliken to take account of the effect of the 
solute (cf. reference 15, footnote 4, Table 6, p. 131) has not been employed because agreement between observed and calculated values appears 
to be better without the correction (cf. V. Henri and L. W. Pickett, J. Chem. Phys. 7, 439 (1939)). Such a correction would reduce the observed 
values of Q? and f from the values given above. The values for pure ketones other than acetone seem to be somewhat larger than for acetone 
(reference 3), the value of f for many pure ketones being about 0.0006. The results of some observers indicate that absorption in aldehydes may be 


somewhat weaker than in acetone (references 4, 5 and 32). 


ing to the two terms in the linear combination 
for t3, with coefficients respectively those for sc 
and Zc in ts;.% The Q integrals are expressed in 
angstrom units. All of the integrals are calculated 
for a C—O distance of 1.215A, the distance 
observed in formaldehyde.” 

Table II gives the values of Q? (in A?) and of f, 
using Q* calculated from Eqs. (8) and (9). 
Several values, corresponding to different arbi- 
trarily chosen degrees of polarity in the 'N and '!Z 
states, have been calculated from Eq. (9). The 
best “‘predicted” value of Q obtainable from Eq. 
(9) should lie within this range of values. 


G. Conclusions 


For most of the spectra considered by Mulliken 
the ratio of the calculated to the observed dipole 
strength for transitions analogous to the one 
considered here ranges between 1 and 5 for the 
AO and between 5 and 20 for the LCAO MO ap- 
proximation.*!° The ratio of the dipole strength 
calculated here for the allowed transition to that 
observed for the longest wave-length absorption 
is from 35 to 75 by the AO approximation and 
at least 75 by the MO approximation (assuming 
g=0.94, the lowest possible value in the MO 
approximation). This, as was pointed out in 
Section II B, can be taken as satisfactory proof 
that the allowed transition does not correspond 
to the observed longest wave-length absorption 
in aldehydes and ketones. This absorption then 
most probably belongs to the type of forbidden 
transition proposed by Mulliken’ to explain the 
absorption in H2CO;; i.e., a transition to the 'E 
state of (2). Further evidence corroborating this 


conclusion will be advanced in the paper fol- 
lowing.** 

The assignment of the long wave-length ab- 
sorption to this forbidden transition requires the 
allowed transition to the 'Z state to come at 
shorter wave-lengths, probably with an intensity 
near to that predicted from the calculated results 
given in Table IT. 


H. The intensity calculated using nonlocalized 
MO’s 

The localized LCAO MO wave functions used 
above are probably reasonably good LCAO MO 
approximations. However, some tendency for the 
electrons to move throughout the molecule 
exists, and the intensity for the 1N—>'Z transition 
for H2CO will now be discussed using non- 
localized LCAO MO’s. 

Electron configurations for H2CO using non- 
localized MO’s have been given by Mulliken.’ 
These MO’s belong to three of the four species 
of the symmetry group C2,(a1, b2, and b,).*4 The 
MO’s belonging to species a; and by will be de- 
noted, respectively, by ¢; and w;. These non- 
localized MO’s may be written as follows :** 


Species a1: g;=a;o + bjsc+c2c+d Zo, 
4=1,2,30r4 

Species bo: wi=fitthiyctkiyo, 1=1, 2, or 3 

Species b,: xcXo=mxXc+NX0; Xc¥o=m'xc—N'xo. 


3a H.L. McMurry, J. Chem. Phys. 9, 241 (1941). 

4 Cf. R.S. Mulliken, Phys. Rev. 43, 279 (1933). 

3% Here o and 7 are combinations of the two hydrogen 
is AO’s, s; and se, belonging, respectively, to representa- 
tions a; and bs, and are defined as follows: 


= (sits2)/(2+25S)}; t = (s1—S2)/(2—25)!; 


with S= f's\Sedv. 
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The 6; MO’s here are identical with the localized 
x MO’s in (2). 

In terms of these MO’s the electron con- 
figurations for the normal state and the excited 
states 'F and '!Z become: 


1N+ + + (g1)?( g2)?(w1)?(xexo)*(we)*, 1A1 
ee a (we) (xcFo), *1A2 (10) 
(w2)(¢s), * "Be. 


Q for the transition N—'Z now comes out as 
follows: 


Q=2! fwoyyadv 
=2 *Lfe(asQre+ bsQrsc +¢3Qr2c +d3Qr2c) 
+he(asQyce+bsQycsc +dsQscz0) 
+k2(asQvoe+bsQvosc+esQvo2c) |. (11) 


Here any symbol such as Qs represents an 
integral of the form 


JS ayb dv. Thus Qrec= S ry2cdv. 


While the relative magnitudes of the integrals 
appearing in Eq. (11) may be estimated, only 
rough values of their coefficients may be ob- 
tained. Examination shows that Q, according to 
Eq. (11), is greatly influenced by the signs and 
magnitudes of b3; and c3. There is so much un- 
certainty in determining the signs and the 
relative magnitudes of these quantities that Eq. 
(11) cannot be used, at present, to evaluate Q 
even qualitatively.*™ 

For any molecule other than formaldehyde, 
semilocalized MO’s, analogous to the nonlocal- 
ized MO’s of formaldehyde, may be constructed 
to describe the wave functions of the carbonyl 
group and its two attached atoms. The ex- 
pression for the Q of the 'V—'Z transition then 
involves the AO’s of the atoms attached to the 
C=O and therefore depends somewhat on the 
nature of the attached atoms.*** The absorption 
intensity for this transition may be expected to 
change somewhat between molecules where the 
attached atoms differ markedly. 


%8 In this laboratory Professor Mulliken and Dr. C. A. 
Rieke have made some calculations on the hyperconjuga- 
tion energies in aldehydes and ketones. Their preliminary 
calculations yield the values 0.27, 0.06, and —0.96, re- 
spectively, for fe, he and ke. (Coefficients analogous to these 
for acetone are, respectively, 0.30, 0.14, and —0.94.) Ac- 
cordingly, the terms in which f2 appears may be appreciable 
and the transition may not be very completely localized 
in the C=O group. 
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I. The intensity of the forbidden transition 


In aldehydes the intensity contributed to the 
“forbidden” transition because of the departures 
of the carbonyl wave functions from C2, sym- 
metry (see I. Introduction) might be expected 
to cause this transition to be stronger than in 
ketones where these departures are smaller. 
However, just the opposite appears to be the 
case experimentally, the longest wave-length 


C=O absorption apparently being stronger in 
di 
ketones than in aldehydes*® (cf. Table II, note). 

A reasonable explanation is that the forbidden 
transition, which probably always obtains the 
major part of its intensity from  electronic- 
vibrational perturbations, must be stronger in 
ketones than in aldehydes. A likely reason for 
such a difference is discussed in Section IV A. 


IV. SPECTRA OF ALDEHYDES AND KETONES AT 
SHORTER WAVE-LENGTHS 


A. Absorption between 11900 and 11750 


The absorptions following next after the long 
wave-length regions in ketones,*" *7-* acetalde- 
hyde, and formaldehyde,*® come near \1900, 
1800 and 1750, respectively. The existence of 
the region at \1900 in all of the ketones for which 
studies have been made shows that, in all likeli- 
hood, this transition is also characteristic of the 

‘carbonyl group. Apparently there is a shift 
toward shorter wave-lengths in aldehydes, where 
hydrogen atoms are substituted for alkyl groups. 
However, investigations on a larger number of 
aldehydes would be desirable to establish this 


with certainty. 
In acetone the measured value of Q? for the 
1900 absorption" is about 0.032A?, in good 


36 A marked reduction in intensity is also observed for 
the longest wave-length absorption on going from diacety| 
(CH;COCOCH;) to glyoxal (HCOCOH). (See references 4 
and 30 for abs. curves of these molecules in hexane 
solution.) 

37 A. B. F. Duncan, J. Chem. Phys. 8, 444 (1940), 
absorption of ketones in the Schumann region. (See also 
A. Duncan, J. Chem. Phys. 3, 131 (1935) and A. Duncan, 
V. Ells and W. Noyes, J. Am. Chem. Soc. 58, 1454 (1936).) 

38 W. A. Noyes, Jr., A. B. F. Duncan and Winston 
Manning, J. Chem. Phys. 2, 717 (1934). 

‘ 39G, Scheibe, F. Povenz and C. F. Linstrém, Zeits. !. 
physik. Chemie B20, 283 (1933). 

40 W. C. Price, J. Chem. Phys. 3, 256 (1935). 

41 Estimated by applying Eqs. (3) and (19) of reference 
18 to the results of Ley and Arends (reference 31). 
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agreement with what might be predicted from 
the calculated values for the allowed transition 
from the carbonyl group (cf. Table II). This 
fact encourages the idea that the 41900 absorp- 
tion may be identified with this allowed tran- 
sition. 

Forbidden transitions gain their intensities by 
perturbations from nearby allowed transitions, 
the effect being greater the less the difference in 
frequency between the two transitions.* The 
suggestion that the 41800 and \1900 regions 
correspond, respectively, to the allowed transi- 
tions in aldehydes and ketones is strengthened 
by the fact that this transition can provide the 
perturbations causing the forbidden transition to 
appear at longer wave-lengths.’ Any reduction in 
the long wave intensity of aldehydes as com- 
pared to ketones can be explained if the adjacent 
strong regions are farther removed from the long 
wave-length absorption in aldehydes than in 
ketones. This appears to be true at least for 
acetaldehyde and formaldehyde. 

Another possibility for explaining the 1900 
region in ketones might be an N—YV transition 
analogous to that producing the strong longest 
wave-length absorption in ethylene.'* 5“ This, 
however, can be excluded because a much higher 
intensity than that observed in ketones at 41900 
is predicted for it.4* Furthermore, estimates of 
the energies of the MO’s between. which this 
transition takes place indicate that the absorp- 
tion most probably comes at shorter wave- 
lengths than \1800.*+ 


* Cf. reference 16(a), p. 373. 

8 The intensity for this transition, calculated by the 
writer in a manner similar to that used for the N—V of 
ethylene,“ predicts values of Q? equal to 0.033A? and 
0.8A?, according to the AO and LCAO MO approximations, 
respectively. Empirically,‘ the actual intensity is expected 
to be about midway between these values and should, in 
this case, be far larger than the Q? observed for the acetone 
absorption at 41900. 

“The N—YV transition would involve excitation of an 
electron from the xcxo MO to the xc%o MO. The energies 
of these MO’s have been calculated by the writer using 
methods similar to those which have been employed for 
ethylene (E. Hiickel, Zeits. f. Elektrochemie 43, 752 
(1937)) but which have been designed to take account of 
the polarity of the carbonyl group. A comparison of the 
expressions for these energies for ethylene and the carbonyl 
group indicates that the two MO’s should be more widely 
separated in the latter case. The results are only qualita- 
tive, however, and no quantitative estimates of the separa- 
tion of the N—V absorptions of the two groups could be 


made. The N-—V absorption for ethylene comes near 
41800. 
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Finally, a Rydberg transition might, perhaps, 
explain these bands. In H2CO, however, the 
1750 absorption does not seem to belong to any 
Rydberg series.*° Duncan* finds that the band 
at 51,171 cm™ in acetone can be included in a 
Rydberg series, but only if anomalous intensity 
changes among the bands in the series are 
overlooked. 

To sum up, it may be said that these bands 
near \1800, represent a transition taking place 
mainly in the C=O group. The absorption most 
probably comes from the allowed transition dis- 
cussed above, although a Rydberg transition 
may contribute part or even all of the intensity. 


B. Further absorption regions in ketones 


Duncan* has photographed the spectra of 
several ketones in the ultraviolet and Schumann 
regions and finds that down to \1500 there is a 
close resemblance for the positions of the absorp- 
tion regions in all of the molecules investigated. 
Following the \1900 region discussed above, there 
is a weaker region near \1650 and then a strong 
region near 41550 or 41500. 

The N-V transition of the C=O group can 
possibly explain the strong absorption near 41500 
or 41550. It appears quite certain that this 
transition cannot lie at longer wave-lengths than 
these because no absorption of sufficient strength 
for such a transition is known. The N—-V 
absorption may, however, lie at still shorter 
wave-lengths than \1500.*4 

Further information concerning the intensities 
and positions of the carbonyl absorptions coming 
at shorter wave-lengths than \1900 would help 
in establishing the nature of the transitions 
giving the absorptions. This information is par- 
ticularly lacking for aldehydes where results are 
available only for formaldehyde and, to a limited 
extent, for acetaldehyde. 


V. SPECTRA OF THIO COMPOUNDS 


Electronically the sulfur and oxygen atoms are 
very similar. In forming chemical bonds the 3p 
electrons of sulfur play the same role as the 2p 
electrons of oxygen.’ For this reason the absorp- 
tions from the C=S group must be similar to 
those from the C=O group. The lower ionization 
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TABLE III. Absorption regions from C=O and C=S groups. 











RE- 
PORTED COLOR 
ABS. (PRODUCED 
STRUCTURAL REGION | BY LONGEST 
MOLECULE FORMULA* (IN CM!) d ABS.) RerF.t 
Diethyl oO } 
carbonate i 
Et -O—C-—-O-—Et -_-- colorless P.3.t. 
Diethylthion- Ss 
carbonate i 
Et -O—C—O-—Et} 32,800 | yellow P.J.T. 
Diethyl dithio 
carbonate I 
Et -S—C—S—Et | 40,580 | colorless- P.jJ.T. 
Diethyl] trithio Ss deep reddish} P.J.T. 
carbonate I orange 
Et-S—C-—S—Et | 36,200 
oO 
il 
Phosgene Cc ——_ colorless H. 
oN (36,000) 
Cl Cl 
S 
II 
Thiophosgene Cc 32,000 | orange-red**| H. 
or” ‘Na tanans 




















* Et signifies the ethyl radical (C2Hs). 
P.J.T.—J. E. Purvis, H. Jones, and H. S. Tasker, J. Chem. Soc. 
97, 2287 (1910). 
H.—V. Henri, Structures des Molecules (Paris, 1925). See pp. 88-92 
and plates in back. 
** Purvis, Jones and Tasker report only the color. The weak absorp- 
tion in the two regions next following have been described by Henri. 


potential of the 3p sulfur electrons should cause 


any long wave-length C=S absorption to lie at 


/ 


longer wave-lengths than the corresponding 


C=O absorption. 
Fl 

In a separate paper*** it will be shown that 
the experimental results for molecules in which 
the C=S groups are conjugated to C=C groups 
bear out the above conclusions. The available 
data for molecules containing unconjugated C=S 
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groups are less extensive but appear always to 
be in harmony with what is expected. Table III 
lists the longest wave-length absorptions re- 
ported for several pairs of molecules which are 
identical except for the presence of a C=S 
group in one member of the pair where a C=O 
group occurs in the other. It seems evident, 
however, that the absorptions listed as “re- 
ported” in Table III are not the longest wave- 
length absorptions for the molecules given there. 
Thus, the absorptions (probably weak) which 
cause the color of the molecules containing the 
C=S group are not recorded.’ Similarly, it seems 
evident that the weak C=O absorption is not 
included. For this reason, the column describing 
the color of the respective molecules is included 
in Table III. 

In molecules containing the C=O group, the 
absorption region following next after the weak 
longest wave-length region appears to be charac- 
teristic of this group (cf. Section IV A). It is, 
therefore, reasonable to suppose that the regions 
reported in Table III for the stronger C=S 
absorptions come from a transition characteristic 
of this group and analogous to that producing 
the 41900 region in ketones. The shift toward 
longer wave-lengths can be explained by the low 
ionization potential of the 3p sulfur electrons. 

The author is indebted to Professor R. S. 
Mulliken for suggesting this work and for giving 
continued assistance and encouragement during 
its progress. He wishes also to express apprecia- 
tion to his father without whose help and en- 
couragement his graduate studies might not 
have been possible. Thanks are due to his wife 
for aiding in the preparation of the manuscript 
and for lending assistance in many other ways. 
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An interpretation of the long wave-length absorption 
regions of conjugated aldehydes and ketones is given. The 
strong regions can be assigned to transitions of the N>V, 
type known to produce the intense long wave-length 
absorption in polyenes. The weak absorption regions, which 
are characteristic of the carbonyl group, can be explained as 
arising from the type of transition previously proposed to 
explain the weak carbonyl absorption in saturated aldehydes 
and ketones. This transition involves the excitation of a 
loosely bound electron occupying a nonbonding orbital 
lying in the molecular plane and across the C—O direction, 
to an excited molecular orbital with a node in this plane. In 
conjugated molecules several of these excited MO’s exist 
and transitions to them all are predicted. The longest wave- 
length carbonyl absorption represents a transition to the 


lowest of these MO’s and the observed shift of this ab- 
sorption toward longer wave-lengths with each addition to 
the number of conjugated bonds in the chain can be 
explained by the fact that this lowest excited MO is reduced 
in energy as the length of the chain increases. The longest 
wave-length absorption for quinones and for aromatic 
aldehydes and ketones can be explained by the same process 
as that producing this absorption in chain molecules. The 
long wave-length spectra of molecules containing conjugated 
C=S groups are shown to be similar to those for the 
analogous molecules containing C=O groups. The ab- 
sorption from the C=S group is observed at longer wave- 
lengths because the orbital from which excitation comes is 
less firmly bound than in C=O. 





I. INTRODUCTION 


HE long wave-length absorption of a 
conjugated aldehyde or ketone [a molecule 
with a skeleton consisting of a conjugated chain 
of the form (C=C),—C=O0 or O=C—(C=C), 
—C=O] is characterized by a strong absorption 
region which is apparently always followed at 
still longer wave-lengths by a much weaker 
absorption.!~* 

The strong absorption is, without doubt, 
produced by the same N->V, type of transition 
which causes the appearance of the intense long 
wave-length absorption found in the spectra of 
polyene molecules.‘ As is the case for polyenes, 
this strong absorption in conjugated aldehydes 
and ketones shifts toward longer wave-lengths 
as the number of conjugated groups increases. 

The weak absorption region has no analog in 
the spectra of polyenes and is definitely to be 
associated with the presence of the C=O group. 
In all likelihood the mechanism of the transition 


1A. Smakula, Angew. Chemie 47, 657 (1934), strong 
absorption bands of conjugated aldehydes and ketones. 

*K. W. Hausser, R. Kuhn, A. Smakula, and M. Hoffer, 
Zeits. f. physik. Chemie B29, 371 (1935), strong absorption 
regions in conjugated aldehydes and ketones. 

‘Int. Crit. Tab., Vol. V (also see Table I for further 
references). 

*R.S. Mulliken, J. Chem. Phys. 7, 364 (1939). 


is similar to that producing the weak absorption 
near \2900 in saturated aldehydes and ketones.‘ 
The nature of this transition in the unconjugated 
C=O group has been discussed in a previous 
article’ (hereafter referred to as 1). The present 
discussion shows that essentially the same 
mechanism will explain the observed absorption 
in the conjugated aldehydes and ketones. 

For future reference the positions and approxi- 
mate intensities (in terms of f values’) for the 
strong and weak absorptions of several conju- 
gated aldehydes and ketones are listed in Table 
I. Also included for comparison are the strong 
regions in several polyenes. 


II. MECHANISMS FOR THE LONG WAVE-LENGTH 
ABSORPTIONS IN CONJUGATED 
ALDEHYDES AND KETONES 


A. The strong absorption 


The strong absorption region in any conju- 
gated aldehyde or ketone is so similar in position 


5 Ref. 3, and the following: E. Eastwood and C. P. 
Snow, Proc. Roy. Soc. 149A, 434 (1935); F. O. Rice, 
Proc. Roy. Soc. 91A, 76 (1914-1915); J. Bielecki and 
V. Henri, Ber. d. D. Chem. Ges. 46, 3627 (1913). 

6H. L. McMurry, J. Chem. Phys. 9, 231 (1941) (here- 
after referred to as 1). See also H. L. McMurry and R. S. 
Mulliken, Proc. Nat. Acad. Sci. 26, 312 (1940). 

7Cf. R. S. Mulliken, J. Chem. Phys. 7, 14 (1939), also I. 
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TABLE I. Absorption regions in aldehydes and ketones. 












































STRONG ABSORPTION WEAK ABSORPTION 
NUMBER 
oF Con- 
JUGATED POSITION POSITION 
BONDS MOLECULE STRUCTURAL FORMULA (IN CM™!)2 f3 REF.! (IN CM™!)2 f3 ReF.! 
Ethylene CH2:CH, 58000 st. R.M. a — — 
‘ (vap.) 
Acetone CH;COCH; 650008 a5} | 36500 0.0004 | I 
(vap.) (hex.) 
Butadiene CH,4:CHCH:CH2 46000 0.53 | Sam. | — —— —— 
(hex.) | 
46000 —— | P.W. 
(vap.) 
Acrolein CH2:CHCHO 50700 69 | I.C.T. 30000 0.0004 | B.Y.R. 
(hex.) Fig. 73 | (vap.) 
30000 .0003 | Liithy 
(hex.) 
Crotonaldehyde | CH;CH:CHCHO 47200 40 | H.K.S.H. 30500 .0004 | B.Y.R. 
(hex.) Sm. (vap.) 
48000 .809| J.C.T. 30000 .0005 | I.C.T. 
(hex.) Fig. 73 (hex.) Fig. 73 
Ethyliden- CH;CH:CHCOCH; 46500 | .22| Sm. | colorless | —— | —— 
acetone (hex.) 
2 Mesityloxide (CH3)2C:CHCOCH; 43000 aa} S421. 31000 .001 GT. 
(hex.) Fig. 74 (hex.) Fig. 74 
42600 
Citral (CH3)2C:CHCH2CH, 43200 .28 | Sm. 31000 .0016 | I.C.T. 
| (hex.) (hex.) Fig. 74 
| 
C(CH;):CHCHO 42800 103") £.C.T. 
(hex.) Fig. 74 | | 
54000 ——| Sm. | 
(hex.) | 
Glyoxal CHOCHO —- —— --— 22000 (.00004) | I.C.T. 
(hex.) Fig. 85 
36000 (.00005) | I.C.T. 
Fig. 85 
Diacetyl CH;COCOCH; 570007 st. E. 24000 (.0003) T<.1. 
(vap.) (hex.) Fig. 85 
.0002 A.A! 
| | 
| | | 35500 | (.0003) | I.C.7. 
| | | |  (hex.) Fig. 85 
| | = 














and intensity to that for the polyene molecule 
having the same number of conjugated bonds® 
that the transition process must be the same in 
each case. 


8 See K. Hausser, Zeits. f. tech. Physik 15, 10 (1934). 
Fig. 4 plots the absorption positions against the number of 
conjugated C=C bonds. In the present article the C=O 
— are included in counting the number of conjugated 

nds. 


The nature of the energy levels involved in 
this transition in polyenes has been discussed by 
Hiickel,? Mulliken’ and others. It is believed 
that the carbon atoms which are members of a 
conjugated chain lie in one plane. The bonds 
between adjacent carbon atoms are produced by 
~ °E, Hiickel, Zeits. f. Electrochemie 43, 752, 827 (1937), 


a general review discussing the electronic structures of 
unsaturated hydrocarbons. 
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TABLE I.—Continued. 

































































STRONG ABSORPTION | WEAK ABSORPTION 
NUMBER 
oF Con- | | 
JUGATED POSITION POSITION 
BoNnDs MOLECULE STRUCTURAL FORMULA (IN CM™!)2 f3 REF.! (IN cM™~'!)2 f3 REF.! 
Hexatriene CH2:CHCH:CHCH:CH, 40000 | —— | MSS. —_— |; — | —— 
Hexadienal CH;CH:CHCH:CHCHO 39100 0.61 | H.K.S.H. | nearly Lams | K.H. 
(hex.) | colorless 
Crotyliden- CH;CH:CHCH:CHCOCH; | 37900 34 | Sm. | yellowish —— | M. 
, acetone (hex.) | | 
~ | Pseudoionone | (CHs)2C:CHCH;CH: | 35400 | .34| Sm. yellow | —— | z; 
| | (hex.) 
C(CH;):CHCH— 54000 | ——| Sm. | 
| 
i, | 
Butenedial CHOCH:CHCHO oe _—— a yellow | a | W.M. 
. | r 
Octatrienal CH;CH:CHCH:CH 32700 75 | H.K.S.H. | weak [one | K.H 
4 | (hex.) | yellow | | 
| 
| CH:CHCHO | | 
| | | | 
Decatetraenal CH;CH:CHCH:CH 30000 | > H. | = | 
5 | | (hex.) | | 
| 
CH:CHCH:CHCHO | | | | | 
1A.A. G. Almy and S. Anderson, J. Chem. Phys. 8, 805 (1940). M.S A. K. Macbeth and A. W. Stewart, J. Chem. Soc. 111, 


B.Y.R. J. C. Blacet, W. G. Young and J. G. Roof, J. Am. Chem. 
Soc. 59, 608 (1937). 


829 (1917). 
H. Meerwein, Liebigs Annalen, A358, 86 (1908). 


M. 

E. V. R. Ells, reference 16. P.W. W. C. Price and A. D. Walsh, reference 20. 
H. K. W. Hausser, reference 8. R.M R. S. Mulliken, J. Chem. Phys. 7, 20 (1939). 
H.K.S.H. K. Hausser, R. Kuhn, A. Smakula and M. Hoffer T. F. Tiemann, Ber. d. D. Chem. Ges. 31, 842 (1898). 

(reference 2). Sm. A. Smakula, reference 1. 
LE ok International Critical Tables, Voi. V. W.M. A. Wohl and B. Mylo, Ber. d. D. Chem. Ges. 45, 1748 
K.H. R. Kuhn and K. Hausser, Ber. d. D. Chem. Ges. 64, (1912). 

1977 (1931). 4 See I (reference 6). 


Liithy A. Liithy, Zeits. f. physik. Chemie A107, 285 (1923). 


Strong absorption. 


2 The terms (hex.) and (vap.) refer, respectively, to absorption curves for x. in hexane solution or in the vapor phase. 

3 These f values have been obtained by applying Eqs. (3) and (19) of reference 7 to the absorption curves given in the references. No correction 
has been made for the effect of the solvent (see note for Table II of I). In many cases the nature of the absorption curves makes accurate estimation 
of f difficult. The cases for which this is particularly true have been placed in parentheses. In these cases the error in f may be as large as 50 percent 
or more. In the present work the order of magnitude i is most important and such deviations do not affect the conclusions at all. 

‘ This f value has been calculated from the lifetime in the excited state (of the order of 10-5 sec.). (Cf. e.g. reference 7, Eq. (12)). 

5 No estimate of the f value is possible but the absorption is very intense. 

6 The absorption in acetone corresponding to that in the conjugated ketones may lie at higher frequencies than 65,000 cm~!. This frequency 


appears to be a lower limit for this transition (see I). 


7It is not certain that this region corresponds to the strong transition in the other conjugated aldehydes and ketones. However, the evidence 


strongly suggests that this is the case (see text). 
8 This value is only approximate. 


® The half-widths of the absorption regions are nearly the same for both authors. The maximum value of the absorption coefficient is much 


higher for the J. C. T. curve. 


electrons in two types of molecular orbitals 
(O's). One of these (the o type) is concentrated 
along the C—C direction and may be taken as 
localized between just two carbon atoms. The 
second (called the z or x type) possesses a node 


This influence prevents rotations around the 
C—C axes and thus enforces the plane structure 
for the molecule. 

The symmetry of the x 0O’s is such that they 
do not mix with other types of O's. The forms 


/ in the molecular plane and is best taken as and energies of the x MO’s may be obtained by 
: nonlocalized, i.e., extending along the entire assuming that the electrons in all the other 
5 system of conjugated bonds. The x type electrons MO’s act only as screening electrons.® In the 
exert bonding or antibonding effects across both normal state of any polyene chain molecule the 
f 6608 ” rT ” : * . 10 
the ‘single’ and ‘‘double” bonds in the chain.!°.§5 ————— 
~ ——___—_ The ‘‘double” bond in a conjugated chain is less strong 
of '° Cf. J. E. Lennard Jones, Proc. Roy. Soc. 158A, 280 than in ethylene (C.H,) while the ‘‘single’’ bond becomes 


(1937); W. G. Penney, Proc. Roy. Soc. 158A, 306 (1937). 


stronger than in ethane (C2Heg). 
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half of the x MO’s of lowest energy are populated 
with two electrons each. Hiickel’s treatment 
shows that as the number of conjugated bonds 
increases the energy of the highest x MO occu- 
pied in the normal state rises while that of the 
lowest excited MO falls. This means that the 
absorption produced by excitation from the 
former of these MO’s to the latter is shifted 
toward longer wave-lengths as the number of 
conjugated bonds increases. This shift of the 
absorption position with increasing conjugation 
is observed to be one of the striking character- 
istics of the long wave-length absorption in 
polyenes and is definite proof that the transitions 
are of the type just described." These transitions 
are known as N->V, transitions and reasons for 
their strong intensity have been given by 
Mulliken.‘ 

The bonds between the carbon and oxygen 
atoms in the C=O group are formed in essenti- 
ally the same way as those in the C=C group. 
Therefore, the nonlocalized x MO’s of a conju- 
gated chain which includes a C=O group 
necessarily involve the x electrons of this group 
and are similar in form to those for the polyene 
chain containing an equal number of double 
bonded groups. A C=O group is, therefore, 
expected to produce an effect similar to that for 
a C=C group on the position of an N-V,; 
absorption. The strong absorptions in croton- 
aldehyde and hexadienal are, respectively, near 
those for butadiene and hexatriene (cf. Table I). 
This is satisfactory proof that they correspond 
to N-—V, transitions between x MO’s which 
cover the entire chain inclusive of the C=O 
group. The existence of a second strong region in 
citral and pseudoionone may be due to the 
unconjugated C=C (see reference 28). 


B. The weak absorption 


The weak absorption region characteristic of 
the C=O group is apparently always found on 
the long wave-length side of the N—V, absorp- 


11 Absorption transitions between MO’s of the o type do 
not show this behavior. Thus the spectra of long uncon- 
jugated chains where the carbon atoms are held together 
by single (c) bonds show very little tendency to shift 
toward the visible. [Cf. R. S. Mulliken, J. Chem. Phys. 7, 
128 (1939). The fact that these molecules show no absorp- 
tions above \2000 is good evidence that ¢ MO’s do not 
behave like those of the x type.] Essentially the o MO’s 
may be thought of as being localized between only two 
carbon atoms. 
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tion.’ In the singly conjugated molecules like 
acrolein, this absorption is observed to be shifted 
toward the visible from the weak region near 
42900 which is characteristic of the unconjugated 
C=O group. The color of the higher conjugated 
aldehydes and ketones is good evidence that this 
absorption is shifted toward still longer wave- 
lengths as the number of conjugated double 
bonds increases beyond two. 

The transition proposed to explain this ab- 
sorption by unconjugated C=O groups involves 
excitation of an essentially nonbonding electron 
localized largely on the oxygen atom to the 
excited x MO of the C=O group. The MO 
(called yo in I) from which excitation comes lies 
in the molecular plane and has a node on the 
C—O axis. 

In conjugated molecules transitions from a 
similar nonbonding MO to each of the several 
excited x MO’s are expected. The longest wave- 
length of these absorptions should shift toward 
increasing wave-lengths as the number of conju- 
gated groups increases and brings the energy of 
the lowest excited x MO down. This behavior 
is observed in all the cases for which the weak 
C=O absorption has been reported (cf. Table I) 
and may be taken as very good proof that this 
absorption is due to the type of transition 
described. 

In molecules where the C=O group is not 
conjugated the low intensity of the absorption 
is explained by the fact that the transition is 
essentially forbidden.* When, however, one (or 
two) C=O groups are at the end (or ends) of a 
conjugated chain the transition is no longer 
forbidden by the electronic selection rules, since 
the symmetry of the skeleton is, in general, 
different from C2,. However, the intensity gained 
in this way should be very slight—in fact, too 
slight to explain the observed absorption in- 
tensity for the long wave-length regions in these 
molecules. 

This may be shown by calculating the. theo- 
retically expected intensity for the transition” 
and comparing with the observed intensity for 
the longest wave-length absorption (cf. I). The 


12 Note that the calculation reported here is for transi- 
tions analogous to the ‘forbidden’ transition (‘N-'E 
in I) and does not correspond to the calculation of the 
1N-+1Z intensity reported in I. 
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expression for the dipole moment Q (cf. reference 
7, Eq. (4)) is found to involve, among others, 
electric moment integrals between the non- 
bonding 2p, oxygen AO’s and the 2p, AO’s 
appearing in the LCAO expression for the lowest 
excited x MO. The integrals of this type involving 
the 2p, AO’s of the oxygen atom and its adjacent 
carbon atom are zero by symmetry. The re- 
maining integrals are small and tend to cancel. 
For diacetyl the predicted intensity, estimated 
according to the criteria of I, is less than one-fifth 
of that observed for the weak absorption near 
4000. This means that the transitions producing 
the weak long wave-length absorptions in conju- 
gated aldehydes or ketones, although not, 
strictly speaking, electronically forbidden, must 
obtain most of their observed intensities after 
the manner of forbidden transitions, that is, by 
electronic-vibrational interaction." 


III. Low ELEcTRONIC STATES OF CONJUGATED 
ALDEHYDES AND KETONES 


A. Electron configurations 


The 70 electron configurations for the normal 
and low excited states of conjugated aldehydes 
and ketones will here be expressed with the 
omission of all 1/O’s except those from and to 
which excitation takes place. In the following, 
xo and x_, refer, respectively, to the highest 
and next highest energy x MO’s which are 
occupied in the normal state. The lowest excited 
x MO will be written as x;, while higher excited 
x MO’s, if needed, will be denoted by x2, x3, etc. 
in the order of their energy. For molecules 
containing only one C=O group the nonbonding 
MO which is largely localized on the oxygen atom 
is written simply as yo, in conformity with the 
notation used in (I) for the analogous MO of 
the unconjugated C=O group. In molecules, 
like diacetyl, where C=O groups are at the ends 
of a conjugated chain, the 2(p,)o AO’s of the end 
atoms interact slightly producing two MO’s. 
These can be described by taking positive and 
negative linear combinations of two yo AO’s of 
the end atoms and will be written y; and ye." 

3G. Herzberg and E. Teller, Zeits. f. physik. Chemie 


B21, 410 (1933). 
‘These MO’s have the following forms: 


¥1=(yoa—You)27! 
¥2= (Yoa+Yon)2-4, 


The electron configurations for the normal and 
low excited states may be written as follows: 


N we “Xo Vo" 
(C=C),—C=O0 Ai + *X0'VoX1 (1) 
n=1, 2, 3--: Eo “X0"’VoXe2 
Vi -° ‘XoVorX1 
N ++ +x0?yi*y2? 
E pi XV 
1 > 7 2 9 
. . . . Sa °° SO Vids 
O=C-—(C=C),—C=0 é, coie. (a 


Fo!" + + + xePyPyoxe 
Ey! ++ +x0*yrPVoxe 
Vy ++ + Xoyr yx 


n=(, 1, 2, 3--- , 


In molecules containing two C=O groups the E 
states come in pairs (Z’ and E” states) which 
are nearly degenerate. The transition to only 
one of these states is allowed by the electronic 
selection rules.'> However, these transitions can 
be best explained as obtaining most of their 
intensities from perturbations due to electronic- 
vibrational coupling and, under these circum- 
stances, transitions to all of the E states will 
appear. Therefore, it is not possible, at present, 
to distinguish experimentally between transitions 
to either of the states in a degenerate pair. 
Hence, each such pair will be designated by a 
single symbol which is the same as that used to 
denote the corresponding state in the molecule 
containing the same number of conjugated 
bonds but possessing only one C=O group (cf. 
(2) above). 

Figure 1 shows the energy levels corresponding 
to the states given in (1) and (2). These energy 
levels have been obtained from the spectrum by 
ascribing the absorption regions listed in Table I 
to transitions between the normal and excited 
states of (1) or (2). Also included are the V; 
states for several polyenes. 


where you and yo» refer to the 2(py)o AO’s of the oxygen 
atoms at the ends of the chain. 

The interactions between these MO’s depend on the 
separation of the two end atoms and are probably very 
small for atoms as far apart as those in diacetyl and 
glyoxal. 

1 In a molecule like diacetyl! where the O=C—C=O 
skeleton possesses the symmetry C2, the lowest excited 
MO (x,) belongs to the a, representation of this point 
group and is analogous to that for butadiene (cf. R. S. 
Mulliken, J. Chem. Phys. 7, 121 (1939), Tables I and II). 
The MO’s y,; and y2 belong, respectively, to the representa- 
tions a, and b, of C2». Transitions between y; and x; are 
allowed with an x(a.) electric moment. The transition 
from y2 to x; is forbidden since there is no component of 
the electric moment belonging to the by representation 
of Cop. 








B. Discussion 


The assignments for the N—V, transitions of 
all of the molecules, except perhaps diacetyl, 
seem to be quite definite. Diacetyl is the only 
molecule containing two conjugated C =O groups 
which has been studied at wave-lengths below 
2000A. The intense absorption found at 1750 
in this molecule'* occurs well above the first 
very strong ketone region at \1550. The 1550 
region is the longest wave-length absorption 
capable of being identified as the N— V transition 
of the unconjugated C=O group.® Therefore, 
the 1750 region of diacetyl agrees in position 
and intensity with what is expected for the 
N-V, transition of two conjugated C=O 
groups. 


There is also a region at \1970 in diacetyl] but its intensity 
is too low, and its separation from the A1550 region in 
ketones is too large, to permit its being identified as the 
N—V;, transition. However, it does correspond well in 
intensity to the \1900 region of the saturated ketones and 
very probably arises from the same type of transition. The 


fact that this diacetyl absorption is not shifted greatly: 


from that in ketones is in harmony with the behavior 
expected for a transition of the N—'Z type described in I. 
This transition involves the y MO’s and excited MO’s of the 
o type which are not expected to be changed greatly ir 
energy when the C=O groups are conjugated (see refer- 
ence 11). 


The N-£;, absorptions for most aldehydes 
and ketones are known either from direct 
observation or, indirectly, because of the color 
they produce. The N—£; regions, however, have 
been found only in diacetyl and glyoxal. Ap- 
parently in other molecules the N—£:2 regions 
are covered by the N-+V; absorptions, or pos- 
sibly they fall at shorter wave-lengths than those 
for which observations have been made. 


C. Energies of the x and yo MO’s 


It is possible, using the available spectroscopic 
data, to make suggestions concerning the relative 
energies of the x and yo MO’s in some of these 
molecules. 

The lowest I.P. (ionization potential) of any 
molecule gives the term value of its most loosely 
bound electron. Mulliken’? has shown that in 
ketones and aldehydes this I.P. almost surely 
corresponds to removal of a yo electron—a 


16V_ R. Ells, J. Am. Chem. Soc. 60, 1864 (1938). 
17R.S. Mulliken, J. Chem. Phys. 3, 564 (1935). 
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Fic. 1. Energy levels for conjugated aldehydes and 
ketones. Here X and Y stand for C=O and C=C groups, 
respectively. From right to left the energy levels shown 
are for ethylene, butadiene, crotonaldehyde, hexatriene, 
hexadienal, octatetraene, octatrienal, decatetraenal, bute- 
nedial, diacetyl and acetone. The dotted lines indicate 
predicted states which have not been observed. Their 
positions are probably not accurate (transitions to the 
predicted E; states of butenedial, octatrienal, and pseudo- 
ionone, must be responsible for their weak yellow colors). 


conclusion which the present work corroborates. 
The theoretical interpretation of the longest 
wave-length absorption in ethylene and in 
polyenes shows that the lowest I.P.’s of these 
molecules must correspond to removal of an x» 
electron. 

A knowledge of the x» term value and the 
position of the NV, absorption, or of the yo 
term value and the N—£, absorption, allows an 
estimate to be made of the term values of the 
x, MO.'8 In the aldehydes and ketones, where 
the x) I.P. is not known, it can be estimated 
from the position of the N—YV, transition, 
provided the term value of the x; MO can be 
found in the above manner. 


18 This procedure involves the assumption that the MO’s 
in any of these molecules have definite energies which are 
the same in all of the states considered here (N, E, and V 
states). Furthermore, the energy difference between the 
normal and excited states is assumed to give the difference 
in energy between the MO’s from and to which excitation 
takes place. Strictly speaking, however, neither of these 
assumptions is true. Thus, the energy of any MO is 
determined by the charge distribution in the electronic 
state and, in excited states, this will vary with the MO 
from which excitation has taken place. Furthermore, the 
difference in energy between two states is not given simply 
by the difference in energy of the MO’s involved in the 
transition, but is also determined by electronic interactions 
which depend on the form and symmetry of the wave 
functions for the states. These also change from one 
state to another. In the present qualitative discussion the 
above changes are neglected. 
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Existing data can, in this way, be used to 
determine the approximate term values of the 
x MO’s in ethylene, butadiene and acetone. 
Thus the x» term values of ethylene’ and 
butadiene” are known from Rydberg series data 
to be 10.45 v and 9.02 v, respectively. Similar 
data give a term value of 10.2 v for the yo MO 
in acetone. The N—V and N-E transitions 
for these molecules can be found from Table I 
and Fig. 1. Price and Walsh” also report a 
region near 1760 in butadiene which they 
assign to the N— V2; transition. This assignment 
is in agreement, as far as the position of the 
absorption is concerned, with some suggestions 
of Mulliken.” If correct, it serves to determine 
the term values of the x2 and x_,; MO’s.* 

The term values of the x /O’s in crotonalde- 
hyde and diacetyl, as well as some other conju- 
gated aldehydes and ketones, could mostly be 
determined if the I.P.’s of the yo MO’s were 
known for these molecules. However, their 
spectra have not been investigated far enough 
into the vacuum region to supply the data 
needed and it is necessary to estimate values for 
these I.P.’s. 

Price and his collaborators'’** have shown 
that the substitution of alkyl groups for the 
hydrogen atoms in ethylene and butadiene raises 
the energies of their x /O’s. They attribute this 
to a transfer of charge from the alkyl groups 
toward the double bonded atoms. It seems 
probable that hyperconjugation between the 
methyl groups and these atoms may also play a 
part in altering the energies of the x MO’s.*4 
Under any circumstances, the effects of the alkyl 
groups are very pronounced as can be seen from 
the fact that in tetramethyl ethylene, where 
four methyl groups are attached to a single 
C=C group, the energy of the x; /O is ap- 
parently higher than the energies of the x2 MO’s 
in butadiene, isoprene, and 8, y dimethyl buta- 


'"W. C. Price and W. T. Tutte, Proc. Roy. Soc. A174, 
207 (1940). 

*0 W. C. Price and A. D. Walsh, Proc. Roy. Soc. A174, 
220 (1940). 

*t A. B. F. Duncan, J. Chem. Phys. 3, 131 (1935). 

2 R.S. Mulliken, J. Chem. Phys. 7, 121 (1939). 

The simple theory (reference 22) shows that in buta- 
diene the separation of the x. and x, MO’s is the same as 
that for the xo and x_; MO’s. In the present case, an estima- 
tion of the former separation, together with the known 
— of the x» MO, enables the x_, term value to be 
ound. 

*R.S. Mulliken, J. Chem. Phys. 7, 339 (1939). 
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diene.”*® Simplified calculations,*® which do not 
take account of differences in charge transfer, 
electronic interactions, and hyperconjugation 
effects between molecules, predict the energy of 
the x; MO of an unconjugated C=C group to be 
between the energies for the x; and x2 MO’s of a 
conjugated diene. 

When alkyl groups are attached to a C=O 
the energies of both the x and yo O’s are 
expected to be altered. Here the effect due to 
charge transfer may be quite large because of 
the electronegativity of the oxygen atom. The 
effect of the alkyl groups on the I.P. of the yo WO 
can be seen by noting that the respective I.P.’s 
of acetone*! and formaldehyde?’ are 10.2 v and 
10.9 v. In diacetyl, where there is only one 
methyl group per C=O, the charge transfer 
effect should be smaller and the yo .VO energy 
should be between those for acetone and form- 
aldehyde. In crotonaldehyde there is no methy! 
group attached to the C=O but the yo WO may 
still be raised in energy due to transfer of charge 
along the chain. 

In Fig. 2 the relative energies of the x and 
yo MO’s, as determined from spectroscopic data, 
are shown for several of the molecules considered 
here. The J/O’s in diacetyl and crotonaldehyde 
have been fixed by arbitrarily assuming the 
yo I.P. to be the same in each of these molecules 
and to have a value of 10.4 v. The x; MO of 
acetone is then found to be higher in energy 
than the two excited x O's in diacetyl. This 
behavior has already been noted between the 
x; MO of tetra methyl! ethylene and the x; and 
x2 MO’s of several conjugated dienes. In acetone 
and diacetyl this may be explained if the charge 
transfer and hyperconjugation effects are larger 
in acetone, where two methy! groups are attached 
to a single C=O, than in diacetyl where there is 
only one methyl group per C=O. 

The energy of the xo JO of acetone is not 
known definitely but must be at least 65,000 
cm below the x; 1/0 since the N— V absorption 
for this molecule apparently cannot lie at longer 


% This statement is based on estimates made using the 
1.P.’s and N-—V absorption regions reported for these 
molecules by Price and his collaborators (references 19 
and 20). 

26 These calculations are like those reported in I, refer- 
ence 44. 

27\V. C. Price, J. Chem. Phys. 3, 256 (1935). 
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Fic. 2. Relative energies of x and y MO’s. Note: The 
energies are for the x and y MO’s described in Section III A. 
Here the symbol y is used to designate the yo, and the 
degenerate y; and y2, MO’s of Eqs. (1) and (2) respectively. 
The dotted lines denote energy levels which can only be 
tentatively assigned due to lack of complete information. 
See text concerning location of MO’s in diacetyl and 
crotonaldehyde. 


wave-lengths than \1500.® This places the x» MO 
of acetone somewhat above that of diacetyl— 
which is consistent with the expected influence 
of the alkyl groups in acetone. The x_; MO of 
diacetyl has not been found. However, the 
simple theory*® predicts that the separation of 
the x» and x_; MO’s in diacetyl] is less than for 
the x; and x2 MO’s and this permits at least a 
rough assignment to be made for the position of 
the x_, energy. Similarly, the x» and x_; MO’s 
in butadiene are predicted to be separated by 
the same amount as the x; and x2 MO’s. In this 
way the x_;./O has been located for this 
molecule. 

The x; and xz MO’s of diacetyl are observed 
to be about 12,500 cm apart. A similar separa- 
tion can be expected for crotonaldehyde and if 
present would require the N—£, absorption to 
appear somewhere around 40,000 cm—. The 
absorption curves for crotonaldehyde* show that 
the N—V, absorption would cover any weak 
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region at 40,000 cm—. In acrolein the N-V, 
region appears at higher frequencies but there 
is still no evidence of the N—£, region. 

The available intensity data indicate that the 
N-—V;, absorption in ketones and in citral may 
be less intense than in some of the corresponding 
aldehydes. In several cases the ratio of intensities 
for the two types of molecules is as much as two. 
Mulliken‘ has shown that the intensities of the 
N-V transitions depend on the shape of the 
molecules, a trans arrangement of the two 
conjugated double bonds giving maximum 
N- I; intensity and a cis arrangement a much 
lower intensity. He finds that any change tending 
to decrease the strength of the N— V, absorption 
should increase the intensity for transitions to 
other V states.22 This may mean that the 
conjugated aldehyde molecules have mostly a 
trans arrangement, the conjugated ketone mole- 
cules more nearly (or in a larger proportion of 
the molecules) a cis arrangement. 


IV. QUINONES AND AROMATIC ALDEHYDES 
AND KETONES 


Many molecules contain C=O groups conju- 
gated to the C=C groups in aromatic or quinoid 
rings. These compounds should show the weak 
absorption characteristic of the presence of the 
C=O group. As always, this is expected to be 
the longest wave-length absorption for the 
molecule concerned. Table II gives a few 
examples which show that this is the case. The 
absorptions of acetophenone and benzaldehyde 
may be compared directly with that of styrene 
which contains a C=C group in place of the 
C=O group present in the first two molecules. 
The molecules possessing the C=O group have 
absorption regions at 43300 (longest wave-length 
absorption) and 2800, while styrene has the 
2800 region as its longest wave-length absorp- 
tion. Similarly, the C=O group in benzophenone 
produces a weak longest wave-length absorption 
at 43400 which is completely lacking in 1, 1 
diphenylethylene. These molecules differ only 

28 In pseudoionone and citral, both of which have com- 
paratively low N-—V, intensities, there is a region at 
41850 which may conceivably be due to the N—>!2 
transition. However, this absorption can also be explained 
as the N-—YV transition of the unconjugated C=C group 
or as a possible Rydberg transition. Further studies on 


the spectrum at ‘shorter wave-lengths would be necessary 
before any definite assignment could be made. 
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in that the former has a C=O group where the With this evidence as a basis, the longest 
latter possesses a C=C group. Except for the wave-length absorptions of other molecules 
appearance of the C=O absorption at 3400, containing the C=O group, such as the quinones, 
the long wave-length spectra of the two mole- may very probably be identified with transitions 
cules are very similar. of the NE, type. 


TABLE II. Absorption of quinones, phenones, and related compounds. 








NEXT ABs. 


| LONGEST \ REGION? 
| f? REGION? 


| | 
| | 

MOLECULE | STRUCTURAL FORMULA (POSITION IN CM™!) | 
| 


O 
I 





ra | 
p-Benzoquinone | | | 22400(hex. ) 0.0003 | 36000(hex.)| (0.008) 
1 \Z4 : | 
| | 
O | | 


Toluquinone ; | 22600(hex.) | 32500(hex.) 


| 





b-Xyloquinone | 23000 (hex.) .0003 =| 33200(hex.) | (.005) 


Acetophenone . 31200(alc.) | 0006 | 35900(alc.) | 


Benzaldehyde__| | 30500(alc.) | (0006) | 35600(alc.) | 


Styrene 


Benzophenone & ; | 29500(hex.) | 39200(hex.) | 


1,1 Diphenyl- 
ethylene 


| 


| 
| 
| 
| 








1L. Louis Light, Zeits. f. physik. Chemie A122, 414 (1926). 1.C.T. International Critical Tables, Vol. 5. 
B.H. J. Bielecki and V. Henri, Ber. d. D. Chem. Ges. 47, 1690 2 See note 3, Table I. 
(1914), 3 The terms (hex.) and (alc.) refer to absorption curves for the mole- 
Ley H. Ley, Ber. d. D. Chem. Ges. 51, 1808 (1918). cules in hexane or alcohol solution. 
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TABLE III. Absorption of compounds containing C=S groups. 


McMURRY 




















STRUCTURAL | LONGEST A REGION! | | 
MOLECULE FORMULA (In cm™) | REF? | Next ABs. REGION | REF.2 
} — 
| MN | | 
/ | | | 
Thiobenzophenone - ‘C=S 16500 (blue) B. Fig. 13 | 32000 (ether) B. Fig. 9 
| Oe | (di. ph. eth.) 
| | 
| | 
Benzophenone C=O 29500 (colorless) B. Fig. 13 39200 (hex.) II also 
fr (di. ph. eth.) also II B. Fig. 17 
| 
| ( ‘ | 
r J | 
Thioacetophenone &=s | (blue violet) B. — —— 
H;C | 
7 
Acetophenone | KN | 31200 (alc.) II also 35900 II 
C=O | (colorless) B. Fig. 7 
/ 
H;C 
(CHs):NCcHs 
Tetramethy]l- Fs 
diaminothio- C=S 17500 (eth.) B. Fig. 12 22500 (meth. alc.) B. Fig. 15 
benzophenone \ 
(CH3)2NCceH, | 
(CH)NCH, | 
Tetramethy!l- | 
diaminobenzo- C=O | (weak yellow) B. 27500 (meth. alc.) | B. Fig. 15 
phenone ss | 
(CH3)e2NCcoH, | | 





| 














1 The abbreviations, di. ph. eth., eth., alc., meth. alc., hex. refer, respectively, to the following solvents: diphenyl ether, ether, alcohol, methy 


alcohol, and hexane. 


2 B. refers to Burawoy, reference 29, I.C.T., to the International Critical Tables, and 11, to Table II, references. 


The phenones and styrene possess absorption 
regions of similar intensity near 2800. Since 
this region appears in styrene where no C=O 
group is present, the \2800 regions in these 
molecules must be due to the N—>V, transition. 


V. ABSORPTION OF CONJUGATED 
TuH1o COMPOUNDS ~ 


In I it was pointed out that the C=S group 
has a similar electronic structure to the C=O 





group and that the C=S absorption regions 
should be expected at longer wave-lengths than 
for that from C=O because the 3p, electron of 
the sulfur atom is less firmly bound than the 2), 
oxygen electron to which it corresponds. 
Burawoy” has studied the chromophoric 
power of various molecular groups and his data 


-include information on several pairs of molecules 


29 A. Burawoy, Ber. d. D. Chem. Ges. 63, 3155 (1930). 
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which are similar except for the presence of a 
C=O group on one member of the pair where a 
(‘=S group is attached to the other. 

Table III lists some of these related com- 
pounds showing the positions of the longest 
wave-length C=S and C=O absorption regions. 
The intensities for any two related molecules are 
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of the same order of magnitude and the absorp- 
tion from the C=S group is always at longer 
wave-lengths than that from the C=O group. 

The author is indebted to Professor R. S. 
Mulliken for a great deal of advice and encour- 
agement. Appreciation is also expressed to Mr. 
Harry Josephson who made the figures. 
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The dielectric constants and densities of eight aliphatic 
ketones were determined over nearly the entire temperature 
range of the liquid phase. The results lead to the conclusion 
that dipole-dipole coupling is the important factor in 
determining the dielectric constants of these liquids. The 
data show definite departures from Onsager’s theory. Use of 
the Onsager formula to calculate dipole moments from 
dielectric constant data on the pure polar liquids, as 


I. INTRODUCTION 


T is well known that the Debye theory of 
dielectric constants! is a very poor approxi- 

mation for many polar liquids. Various attempts 
have been made to explain the discrepancies on 
the basis of association or hindered rotation.® 
These have not been very successful as quanti- 
tative explanations of the experimental data and 
are open to considerable criticism from the 
theoretical point of view. 

Onsager*® has presented a theory for polar 
liquids in which the difficulties of the original 
Debye theory are attributed to an improper use 
of the Onsager local field. In his theory the local 
field is calculated by classical electrostatic theory 
assuming the neighborhood of any molecular 
dipole to have the macroscopic dielectric constant. 
This Onsager field never gives rise to a Curie 
point or ‘44/3 catastrophe’’ as found for the 

1P. Debye, Polar Molecules (The Chemical Catalog 
Co., 1929), Chapter II. 

* See, for instance, C. P. Smyth, Dielectric Constants and 
Molecular Structure (The Chemical Catalog Co., 1931), 
Chapter IX; P. Debye, Physik. Zeits. 36, 100, 193 (1935); 


R. H. Fowler, Proc. Roy. Soc. A149, 1 (1935). 
*L. Onsager, J. Am. Chem. Soc. 58, 1486 (1936). 





suggested by Béttcher, is not justified in the case of the 
ketones and is to be undertaken with caution in other cases. 
It is not possible to attribute the departures for the ketones 
to proton bonding. The results are, however, consistent 
with Kirkwood’s more detailed theory. It is further shown 
that dielectric constants of normal aliphatic alcohols are 
consistent with Kirkwood’s theory as applied to a crude 
model of the liquid “‘structure’’ of these alcohols. 


Lorentz field. Onsager showed that his theory 
leads to formulas for the dielectric constant which 
are similar to an empirical one proposed by 
Wyman,' this latter being suggested by data on 
dipole moments and dielectric constants at room 
temperature for a considerable number of polar 
liquids. 

Béttcher® has tested the Onsager formula by 
using it to calculate the dipole moments of 32 
polar molecules from dielectric constant data for 
the pure liquids. The computed values agree 
fairly well with direct determinations from data 
on gases or dilute solutions, the greatest dis- 
crepancies occurring for water and aliphatic 
alcohols. This writer has gone so far as to suggest 
that the Onsager formula be used to determine 
dipole moments from dielectric constant data for 
the pure polar liquids, particularly in the case of 
molecules having small dipole moments. 

Kirkwood* has developed a theory of the 
dielectric constant on the basis of classical 


4J. Wyman, Jr., J. Am. Chem. Soc. 58, 1482 (1936). 
5 


C. J. F. Béttcher, Physica 5, 635 (1938); Physica 6, 59 
(1939). 
6 J. G. Kirkwood, J. Chem. Phys. 7, 911 (1939). 
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statistical mechanics which reduces to Onsager’s 
result if the assumption of a continuous isotropic 
molecular environment is made. If this assump- 
tion is not legitimate, the Kirkwood theory leads 
to somewhat different results. Kirkwood’s for- 
mula for the static dielectric constant ¢€) can be 
written in the form 


9 (€2 +2)? 1 


69" €—2 = — é gB, 
2 3 1 + (€x / 2€0) 
4a Nuvo? 


ORT 





(1) 





where ¢€, is the dielectric constant resulting from 
induced electronic and atomic polarization, N the 
number of molecules per cc, uo the dipole moment 
in the absence of interaction effects, and kT the 
energy of thermal agitation. The factor g is given 


by 
g=1 +N f cos yexp (—W/kT)dwdv, (2) 


where the integration is extended over all relative 
orientations of a pair of dipoles and W is the 
potential energy of their interaction. If the 
medium surrounding any dipole is assumed 
uniform the integral vanishes and the value g=1 
in Eq. (1) gives the Onsager formula. 

Kirkwood has calculated the factor g for water 
assuming a tetrahedral model of neighbors and 
obtains values 55-82 for the dielectric constant at 
25°C as compared with 31 from the Onsager 
theory and the experimental value 79. The 
dielectric constants of alcohols and other liquids 
commonly described as associated also have 
much larger dielectric constants than the Onsager 
theory predicts. Onsager* has suggested that 
these deviations are to be explained in terms of 
the ‘“‘proton bond” theory with the additional 
assumption that formation of a hydrogen bond 
increases the effective electric moment of the 
group carrying the hydrogen. 

In view of this discussion it is important to 
obtain experimental results on polar liquids for 
which hydrogen bonds are not to be expected. As 
previously suggested by the writer,’ it is desirable 
for such a purpose to have data on dielectric 
constants of related series of polar liquids over a 


7R. H. Cole, J. Chem. Phys. 6, 385 (1938). 
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wide temperature range. The work reported here 
consisted in the determination of the dielectric 
constants of eight aliphatic ketones over most of 
the temperature range of the liquid phase in each 
case. The ketones were particularly suitable for 
the purpose because they are readily available 
and the dipole moments of the individual mem- 
bers of the series do not differ by more than 5 
percent, being due to the characteristic CO group. 
This latter fact makes it possible to examine the 
variation of the dielectric constant over a wide 
range of temperature and concentration N with 
the assurance that changes in the dipole moment 
uo are of only minor importance. The validity of 
the various proposed theories can therefore be 
tested for a variety of strengths of molecular 
interaction, the dipole moments of the individual 
molecules appearing as an essentially constant 
factor. 


II. EXPERIMENTAL 


The method used for determination of dielec- 
tric constants is described in detail elsewhere.® It 
consists in principle of comparison of the capacity 
of a cell containing the unknown liquid with that 
of a standard condenser, this comparison being 
unaffected by conductivity of the unknown. This 
is accomplished by connecting the two condensers 
in series with a radiofrequency oscillator (100 
2000 kc) and applying the voltages across them 
to the horizontal and vertical deflecting plates of 
a cathode-ray tube. Both the conductance and 
capacitance of the unknown may then be de- 
termined from the constants of the ellipse traced 
on the tube screen. 


Two cells with geometrical capacitances of 23.62 wuf and 
14.77 uuf were used. They were in the form of coaxial gold- 
plated brass cylinders, the outer one being grounded. The 
“dielectric’’ and “lead” capacities were determined by 
measurements with air and benzene as dielectrics,’ using 
a General Radio capacitance bridge at 1000 c. The dielectric 
constant of the benzene, which must be known for this 
calibration, was found by determining the ratio of changes 
of capacity of a variable condenser with air and the 
benzene as dielectrics.” 

The inner electrode was supported from the outer 
cylinder by a circular hard rubber ring. The outer cylinder 


8 R. H. Cole, paper to appear in The Review of Scientijic 
Instruments. 
See C. P. Smyth, Dielectric Constants and Molecular 
Structure (The Chemical Catalog Co., 1931), p. 59. 
10 See Williams and Krchma, J. Am. Chem. Soc. 48, 1888 
1926). 
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Fic. 1. Dielectric constant of acetone as a function of temperature. 


was mounted on a heavy brass block, provision being made 
for insertion of a thermocouple or mercury thermometer in 
the latter. For measurements at different temperatures the 
cells were placed in either a small electrically heated oven or 
an alcohol bath in a Dewar flask. Temperatures were 
measured by a mercury thermometer reading to 0.1°C over 
the range 0-100°C or by a copper-constantan thermocouple. 
The reference junction of this couple was immersed in a 
melting ice mixture. The e.m.f. of the couple was deter- 
mined with a Rubicon Type B potentiometer and a Leeds 
and Northrup Type R low resistance galvanometer. The 
couple was calibrated at the COs, ice, and steam points and 
compared with the mercury thermometer over the range of 
the latter. 

The experimental procedure was to photograph the 
ellipse traced on the cathode-ray tube screen. Measure- 
ments of the films and calculation of the unknown dielectric 
constants could then be made at any convenient time. In 
this way, the experimental result at any one temperature 
was obtained in the second’s time required to expose the 
film and it was unnecessary to maintain a constant temper- 
ature over any length of time. Measurements were there- 
fore customarily made under conditions of slowly rising or 
falling temperature and data taken in these two ways 
showed no significant differences nor any exceeding 
experimental error. 

A General Radio Type 222L precision condenser was 
used as a standard of comparison in all cases and the 
calibration of the scale was checked by repeated substi- 
tution balances against a small fixed condenser with a 
General Radio capacitance bridge. The internal consistency 
of the various calibrations for the capacities used was better 
than 0.2 percent. The error in determining the geometry of 


the oscillograph trace was about 0.3 percent, leading to an 
accuracy of 0.5 percent in the dielectric constant values. 


The ketones used were Eastman products 
except for acetone (Baker’s C.P.). All were 
synthetic products and were further purified by 
fractional distillation in a Podbielniat type 
column. Only the middle fractions, constant 
boiling to within 0.2°C, were used and the ob- 
served boiling points agreed with values recorded 
in the literature to within the accuracy of 
calibration of the head thermometer. Further 
evidence as to the purity of the liquids was found 
in the results of the density determinations 
described below. 

If any theoretical analysis of the dielectric 
constant data is to be made it is necessary to 
know the densities over the temperature range of 
these measurements. Only in the case of acetone 
and methyl ethyl ketone were sufficient data of 
this kind available in the literature and it was 
therefore necessary to determine the densities 
experimentally. A displacement method was 
chosen as being rapid, convenient, and sufficiently 
accurate for the purpose. 


The loss in weight of a small Pyrex sinker immersed in 
the unknown liquid was measured by a simple form of 
torsion balance. The balance consisted of a beam attached 
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Fic. 2. Dielectric constants of ketones plotted on a re- 
duced temperature scale. The dashed curves are for diethyl 
and dipropyl ketones. 


to the center of a thin phosphor bronze strip and at right 
angles to the strip. The ends of the strip were fixed to a 
frame which could be rotated about an axis parallel to the 
strip by means of a micrometer head. The sinker was 
suspended from one end of the beam and the null position 
of the beam established by adjustment of the micrometer 
head. The whole balance was mounted on the stage of a 
horizontal microscope which was used to determine the null 
position of the beam. The sinker was suspended in a cell 
similar to those used for the dielectric constant determi- 
nations and the temperature was varied and measured in 
the manner already described. The results were consistent 
to better than 0.05 percent and the data are in agreement 
to within this accuracy with the more reliable values in the 
literature. 


The electrical measurements were made at 
frequencies of 100, 200, 500 and 1000 kc. There 
was no evidence from these data of frequency 
dependence of the dielectric constant in this 
range. The frequency range is well below that in 
which anomalous dispersion is to be expected for 
these liquids and the experimental values are 
thus for the static dielectric constant. Although 
the experimental procedure was capable of giving 
conductivities as well, these were not computed 
except for acetone. In this case the value 
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8.0-10-§ mho cm! was obtained, as compared 
with values 2—12-10-® mho cm~! listed in the 
International Critical Tables. Marked increases in 
the conductivity were observed in a few runs. 
These runs were discarded although no system- 
atic differences in the dielectric constant values 
were observed. 

The experimental results for acetone are shown 
in Fig. 1, together with the results of other 
investigators. The more reliable of these are in 
excellent agreement with the present work. The 
data for the other ketones give plots similar to 
Fig. 1. For convenience, the results are presented 
in tabular form (Table I), the values being 
obtained by interpolation from large scale graphs. 
Values of densities were similarly obtained and 
are also given in Table I. 

For reasons of space, results obtained by other 
observers have not been included. These are for 
the most part only at single temperatures or over 
only a limited range. A direct check was possible 
in the case of methyl propyl ketone, which 
Professor Wyman was kind enough to measure by 


TABLE I. Dielectric constants and densities of aliphatic ketones. 
Values in parentheses were obtained by extrapolation, in 
no case for a temperature interval greater than 5°C. 








Di- | METHYL Di- 
Mernyt| Metuyt| eEraYL | 1so- | METHYL | PROPYL] MeTHYL 
Ace- | Ernyt | Propyt | Ke- | Buryn | n-Amyt | Ke- | Hexyi 
ToNE | Ketone} Ketone| Tone | Ketone| Ketone | TONE | KETONE 
T°C 1-1 1-2 1-3 2-2 1-41s0 1-5 3-3 1-6 





—80¢€ |(34.5) 
—69%e | 31.31] 27.16 21.96 18.81 


a (.8863) 


—406€ | 28.42 | 24.58 20.19 | 19.77 | 17.37 
a 8662 | (.8747)| (.8591) 


—20¢ | 25.91 | 22.27 18.39 | 19.37] 15.91 14.27 | 15.10 | 12.53 
a 8470 | .8548| .8402 8513 | .8506 | .8541 


Oe | 23.65 | 20.30 16.82 | 18.90} 14.50 13.13 | 13.80 | 11.45 





a 8259 8270 | .8350| .8214 8340 | .8336 | .8368 
20e | 21.45} 18.51 15.45 | 17.00] 13.11 11.95 | 12.60 | 10.39 
a -8050 8072 | .8149| .8021 -8166 | .8161 | .8194 
40e | 19.38 | 16.80 14.08 | 15.31! 11.78 10.85 | 11.42 9.42 
a -7482 7873 | .7949| .7831 -7989 | .7980 | .8021 
606 15.29 12.87 | 13.83 | 10.68 9.93 10.36 8.70 


; 7635 -7670 | .7743 | .7638 -7806 | .7806 | .7848 
9.08 9.46 8.01 


(.7425) | .7461 | .7541 | .7444 -7620 | .7620,| .7670 





| 

80e | (13.89) | 11.73 | 12.52] 9.75 
| 
| 








100¢ (10.78) | (11.49)| 8.90 8.27 | 865 | 7.42 
a | (7251) | (.7337)| .7250 | .7422 | .7410 | .7488 
| | 
120¢ 7.61 | 8.00] 6.90 
a | 7725 | .7216 | .7299 
1406¢ 7.10 6.49 
a 7024 7111 
1606¢ 6.10 
a 6921 
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his method." His result at 25°C was 15.15 as 
compared with the mean value 15.17+0.05 of 
several results obtained for the same sample in 
the present work. It is also interesting to note 
that the values of Wolf" for methyl ethyl, 
methyl propyl, diethyl, dipropyl, and methyl 
hexyl ketones at 15°C agree to within 1.5 percent 
with the results of the present work. Although 
Wolf’s data are not of great accuracy the agree- 
ment is particularly gratifying because he is the 
only observer to have determined the dipole 
moments of methyl propyl and methyl hexyl 
ketones. Also, it is from Wolf’s measurements on 
dilute solutions that the constancy (to within 5 
percent) of the ketone dipole moments is 
revealed. 
III. REsuLTs 


It is convenient to analyze the data for 
polar liquids in terms of the parameter 
B(=4aNyuo?/9RT), as 1/8 may be considered a 
reduced temperature characteristic of dipole- 
dipole interaction.“ In Fig. 2 the quantity 
€&)—€» is plotted against d/MT (which differs 
from B only by a constant factor) for the eight 
ketones measured, d being the density and M the 
molecular weight." If the same interaction effect 


1 J. Wyman, Jr., Phys. Rev. 35, 623 (1930). 
_" K. L. Wolf, Zeits. f. physik. Chemie 28, 39 (1929); 
K. L. Wolf and W. J. Gross, tbid. 14B, 305 (1931). 

8 See J. H. Van Vleck, J. Chem. Phys. 5, 556 (1937) and 
reference 7. 

 ¢.. was calculated from optical refraction data by ex- 
trapolation to zero frequency of the quantity (€.—1)/ 
(e.+2) plotted against »*. This assumes the validity of a 
Cauchy dispersion formula in the limit of low frequencies 
and neglects any possible atomic polarization. Values of «. 
at other temperatures were computed from the Lorenz- 
Lorentz formula. 





is involved in all cases the experimental values 
should all lie on the same curve in this plot, 
ignoring differences in the values of yo. This is 
seen to be approximately the case, except that 
the curves for diethyl and dipropyl ketones lie 
distinctly above the others. 

To compare the experimental results with 
theory, the quantity gyo? in Eq. (1) was calculated 
from the experimental data. These values are 
plotted against the absolute temperature in Fig. 
3. If the Onsager theory applies to these liquids, 
the quantity guo* should be independent of the 
temperature and equal to the square of the dipole 
moment yo” as determined from measurements on 
the vapor or dilute solutions. As already men- 
tioned, the results of Wolf indicate that the 
dipole moments of all the ketones are very nearly 
the same, lying between 2.70 and 2.76. The 
absolute values may very possibly be some 5 
percent low as Wolf worked with dilute solutions. 
The best value for acetone, for example, is 
usually taken to be 2.85,!° and an estimate of the 
best value for methyl ethyl ketone from data of 
several observers is 2.77.'° 

Values of yo? as estimated from the work of 
different observers on the various liquids are 
indicated by straight lines in Fig. 3. It is seen 
that the experimental curves predict an ap- 
preciably greater value of yo? on the basis of the 
Onsager theory. This is also shown in Table II, in 
which are listed the average values of gyuo”? from 
the dielectric constant data and the values of uo 


1M. Hobbs, J. Chem. Phys. 7, 851 (1939). 
16 For an extensive table of dipole moments see N. V 
Sidgwick, Trans. Faraday Soc. 30, 903 (1934). 
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and yo? from data on gases or dilute solutions. It 
is to be noted, however, that the values of guy? do 
not depend markedly on the temperature. The 
Onsager theory thus predicts the general features 
of the experimental results for the ketones but 
cannot be regarded as more than a first approxi- 
mation to them. 

The burden of explanation of such discrepancies 
cannot, in the case of the ketones, be placed upon 
the proton bond theory. The most reasonable 
alternative is to suppose that the assumption in 
the Onsager theory of a uniform continuous 
environment about a given molecule is not an 
adequate approximation for these liquids. 

The result of Kirkwood’s more detailed theory 
differs from that of Onsager by including a factor 
g multiplying yo? which depends upon the 
environment of the molecule. In the case of the 
ketones there is not sufficient information from, 
say, x-ray diffraction data to permit an estimate 
of the value of this parameter as defined by Eq. 
(2). The values required by the experimental 
data (Table II) are, however, consistent with the 
theory if the molecular arrangement in the liquid 
is considered to be a continually shifting ‘“‘struc- 
ture” rather than a continuum. The experimental 
values of g do not, from Fig. 3, depend markedly 
on the temperature and it can be inferred that the 
correlation of neighboring molecules is essentially 
independent of the temperature. The appreciably 
larger values for diethyl and dipropyl ketones 
(surprisingly not found for acetone) suggest that 
there is a greater regularity of “‘structure’’ for 
liquids composed of these more symmetrical 
molecules. Similar differences are found in the 
higher boiling points and densities of these 
liquids as compared to their asymmetrical 
‘somers. 


TABLE II. The structure factor g for ketones. 








Di- | Meruyi Dr- 
Metuy_| MeruyL| ETHYL} Iso- | METHYL | PROPYL! METHYL 
Ace- | Ernyt | Propyt| Ke- | Burtyi | n-Amyt | Ke- | Hexyi 
TONE | Ketone| KETONE! TONE | Ketone| KeETonE | TONE | KETONE 
1-1 1-2 1-3 2-2 1-41so 1-5 3-3 1-6 
guo® | 9.85 9.97 9.69 10.40 | 9.20 9.10 9.60 8.70 
vt) 2.85 2.77 2.72 2.71 (2.72)* 2.70 2.72 2.70 
po? 8.12 7.67 7.40 7.34 | (7.40) 7.29 7.40 7.29 


qg 1.21 1.30 1.29 1.42 | (1.24) 1.25 1.30 1.19 



































* No values for the dipole moment of methyl isobutyl ketone were found in the 
literature. The value used here is that for methyl n-butyl ketone, which shou!d 
not be appreciably different. 
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It is interesting to compare the results for the 
ketones with those for the aliphatic alcohols 
which are commonly described as associated and 
in which proton bending undoubtedly plays an 
important role. It is also possible to estimate the 
value of g for these liquids from x-ray diffraction 
data. Quite complete dielectric constant data for 
several of the alcohols are given in the Jnter- 
national Critical Tables and from these the values 
of gu? and g have been calculated in the same 
way as for the ketones. The more recent and 
presumably more reliable data have been used 
for this purpose, but no attempt was made at a 
critical evaluation and some of the data are 
certainly of doubtful validity. With this reserva- 
tion in mind, it is worth while to consider the 
results for g as shown plotted against T in Fig. 4. 
It is seen that while there is not the regularity 
found for the ketones much the same type of 
behavior occurs. The values of g required to 
account for the calculated values of gyo” are, 
however, considerably more in excess of the value 
unity for the Onsager theory and there is a some- 
what greater variation with temperature. 

A rather definite picture of the structure of 
liquid alcohols has been developed on the basis of 
x-ray diffraction data. Pierce and MacMillan” 
propose a structure for normal alcohols in which 
each molecular hydroxyl group is linked to two 
others by hydrogen bonding. These bonds are so 
arranged that the hydrogen lies on a line joining 
the oxygens, as suggested by Zachariasen,'* the 
alkyl radicals being in the form of zigzag chains 
as in Warren’s analysis.'® It is interesting to 
estimate values of the factor g on the basis of such 
a linkage. This may be done by assuming that its 
value is roughly given by a relation of the form’ 


g=1+22;(cos yi)m, (3) 


z=2z, being the number of neighbors of a given 
molecule for which appreciable correlation of 
relative orientation exists and (cos yi) the 
average value of the cosine of the angle between 
the given dipole and one of these neighbors. If it 
is assumed that there is no correlation except as a 
consequence of the hydrogen bond and the angle 


17 W. C. Pierce and D. P. MacMillan, J. Am. Chem. Soc. 
60, 779 (1938). 
18 W. H. Zachariasen, J. Chem. Phys. 3, 158 (1935). 
19 B. E. Warren, Phys. Rev. 44, 969 (1933). 
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between bonds is taken to be 110°, one obtains 
g=1+2 cos 70° =1.68, . 


considering only nearest neighbors. If next 
nearest neighbors are considered, one has 


g=1+2 cos 70°+2=3.68, 
g=1+2 cos 70°+2 cos? 70° = 1.92, 


for the respective cases of perfect rigidity or free 
rotation about the OHO bond between neighbors. 

The values of g required by the dielectric 
constant data lie between 2.8 and 3.8. Pierce and 
MacMillan suggest on the basis of melting point 
and surface tension data that linkage of molecules 
by hydrogen bonding can persist beyond next 
nearest neighbors. If it is assumed that the 
orientation of neighbors is not completely free in 
the sense of rotation about the OH bond and 
continues beyond nearest neighbors one has a not 
unreasonable explanation of the experimental 
values of g on the basis of the rather crude 
application of Kirkwood’s theory as outlined 
above. 

It is interesting to note that both for the 
alcohols and the ketones maxima occur in the 
curves of g as a function of 7, these maxima 
occurring at approximately the same absolute 
temperatures (240° and 290°, respectively) for 
the various members of the series. If the effect 
were due to dipole-dipole coupling one should 
expect these temperatures to be the same on the 
appropriate reduced scale in each case. This 
characteristic of the data must therefore be 
attributed to some other molecular property such 
as variation of the dipole moments yo with the 
temperature. There is unfortunately no inde- 
pendent information available to confirm or 
disprove this conjecture. The possibility of 
separating the various effects in this way does, 
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Fic. 4. The structure factor g for aliphatic alcohols and 
water plotted against the absolute temperature. The 
formulas on the graph are listed in the order of intersection 
of the corresponding curves with the dashed line. 


however, illustrate the usefulness of the concept 
of a reduced temperature and the desirability of 
dielectric constant data as a function of tempera- 
ture for related series of liquids, as previously 
pointed out.’ 

In conclusion, it should be emphasized that the 
analysis of the ketone data does not support 
Béttcher’s conclusion that the Onsager theory 
may be safely used to calculate the dipole 
moment yo from dielectric constant data on pure 
polar liquids, associated liquids such as the 
alcohols being excluded. There is little possibility 
of hydrogen bonding in the ketones, the devia- 
tions persist up to the highest members of the 
series investigated, and are greater for the more 
symmetrical diethyl and dipropyl ketones. The 
results thus show that it is necessary to be very 
cautious about using the Onsager formula to 
determine the dipole moment yo, although one 
can in most cases obtain at least a first approxi- 
mation in this way. 

In conclusion the writer wishes to express his 
thanks to Professor Van Vleck for his interest and 
helpful advice. 
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On the Recombination of Iodine and Bromine Atoms 


O. K. RICE 
University of North Carolina, Chapel Hill, North Carolina 


(Received October 29, 1940) 


The data on the rate of recombination of iodine and of bromine atoms in the presence of an 
inert gas have been used, together with the equilibrium data, to calculate the rate of dissoci- 
ation of I, and Bre. The results have been used to obtain effective collision radii for the col- 
lision of I, and Brz molecules with the inert gas molecules. If the inert gas is a monatomic, or 
sufficiently simple, molecule, these effective radii turn out to be of the order of magnitude of 
ordinary kinetic theory radii, provided proper allowance is made for the density of energy levels 
in excited I, and Bre. The interpretation of abnormally large radii, obtained in some cases, has 


been discussed. 


ITHIN the last few years Rabinowitch 

and Wood! have performed an extensive 
set of experiments on the recombination of iodine 
and bromine atoms in the presence of excesses of 
various gases, and from this data have calculated 
the efficiencies of the various kinds of molecules 
as third bodies in the recombination process. 
Rabinowitch? has attempted an explanation of 
these results on the basis of the simple collision 
theory, while Wigner* has made an attempt at a 
wave-mechanical calculation. Both of these at- 
tempts seem to have met with a measure of 
success which is as good as could be well expected. 
They both, however, contain the complications 
and uncertainties usually connected with the 
consideration of three-body collisions, and it 
seems, therefore, desirable to approach the prob- 
lem from another point of view. 

Since the equilibrium constants for the re- 
actions 
2I+-X2I.+X 
and 
2Br+X@Br2+X 


are known (the nature of the third body X being 
immaterial) the rates of the reverse reactions can 
be calculated from Rabinowitch and Wood’s 
data on the rates of the direct reactions. The 
problem will then be more amenable to theoretical 
treatment, since it is reduced to the question of 
transfer of energy at a two-body collision. It is 

1 E. Rabinowitch and W. C. Wood, Trans. Faraday Soc. 
32, 907 (1936); J. Chem. Phys. 4, 497 (1936). 

2 E. Rabinowitch, Trans. Faraday Soc. 33, 283 (1937). 

3 E. Wigner, J. Chem. Phys. 5, 720 (1937); 7, 646 (1939). 
Earlier calculations on a similar problem were made by H. 


Eyring, H. Gershinowitz, and C. E. Sun, J. Chem. Phys. 3, 
786 (1935). 
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the purpose of the present paper to consider the 
problem from essentially this point of view, 
though actually an equivalent, but somewhat 
more convenient, procedure is used. 

If we let C be the concentration of I (or Br) and 
C’ the concentration of I; (or Bre) the equilibrium 
constant K,.=C?/C’ obeys the well-known re- 
lation 


RT In K.= —(AE+RT)+TAS*, (1) 


where AE is the dissociation energy at the 
absolute temperature T and AS® is equal to 
2.51°—S1,° (or 2Spr°—Spr,°), the standard state 
being taken as the state of unit concentration. If 
we let the rate constant for the direct (association) 
reaction be k, and for the reverse (dissociation) 
reaction be kz (expressed in terms of concen- 
trations) we have 


K.=khka/Ra (2) 
and from Eqs. (1) and (2) 
ka=kaed® !Re-le-AEIRT, (3) 


AE is equal to the activation energy of the 
dissociation reaction minus the activation energy 
of the association reaction. If we call the latter 
E., we may write 


ka=Ae~ Et Ea) /RT, (4) 


ka may be interpreted as the number of effective 
collisions (i.e., collisions transferring sufficient 
energy) per unit volume per unit time when the 
concentration of molecules is unity. The Boltz- 
mann factor being e~4#+#0)/R7, the other factor A 
is the effective collision number per unit volume 
per unit time. 
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At first sight it would seem natural to use the 
ordinary kinetic theory expression to get a 
theoretical value of A, setting 


A =20?N(2rRT/y)}, (5) 


where a is the effective collision diameter in cm, N 
is Avogadro’s number, and p= M,M,(M,+ M,)“', 
the M’s being molecular weights. (A, then, is 
expressed in moles colliding per cc per second, 
when the concentrations are in moles per cc.) 

However, if we wish o to retain its significance, 
as being closely related to the actual extension in 
space of the electronic clouds of the colliding 
bodies, it is necessary to modify Eq. (5) some- 
what. This is because the I, or Brz molecule, 
which is to be dissociated at the next collision 
differs from a normal molecule in two respects, in 
addition to the fact that it must have already, on 
the average, almost enough energy to cause it to 
decompose. The excited molecule differs in the 
first place from a normal molecule because it is 
capable of existing in any one of several electronic 
states, as there are several weakly attracting 
states resulting from the interaction of two iodine 
or bromine atoms in the normal (atomic) state. 
According to Cordes‘ the total quantum weight 
of these states is 7 in the case of iodine; it is 
probable, however, that it is not more than® 5, 
and this is the figure we shall adopt for both 
iodine and bromine. This results in an effective 
increase of 5-fold in the collision number, and the 
right-hand side of Eq. (5) should accordingly be 
multiplied by this factor. 

The second way in which the excited molecules, 
about to decompose, differ from the normal 
molecules, is in the greater density of vibrational 
energy levels in the former. This also increases 
the effective collision number. The estimation of 
the factor to be employed in this case cannot be 
made very accurately. It seems probable, how- 
ever, that, on the average, a molecule which is 
going to decompose on the next collision, will 
have an energy within about kT of the dis- 
sociation limit.* Data on the density of vibrational 

*H. Cordes, Zeits. f. Physik 97, 603 (1935). 

*See footnote 15 of Wigner, reference 3 (1939). 

*It might be supposed that the dissociation could take 
Place if sufficient energy were distributed in any way 
among the degrees of freedom of the system of colliding 
molecules. This possibility does not, however, increase the 


number of effective collisions. We are interested in the 
Probability that a special degree of freedom emerge from 
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energy levels in this region are available for only 
one of the potential curves under considera- 
tion.*“*) However, data are also available®™ on a 
potential energy curve of iodine which gives rise 
to an excited atom on dissociation. The depth of 
this potential energy curve is such, compared 
with the various potential energy curves which 
lead to dissociation without excitation, as to 
make one believe that the result should give a 
fair average for the case at hand. The number of 
vibrational levels within kT of the dissociation 
limit at room temperature is estimated from 
either of the above sources to be roughly 20, and 
since the spacing of levels at the bottom of the 
curve for normal I, is about 1 per k7, we must 
further multiply the right-hand side of Eq. (5) by 
a factor of about 20, giving a total factor of 100. 
The resulting equation 


A =2000?N(2rRT/u)! (6) 


has been used for bromine’ as well as iodine. 
Our procedure now will be to evaluate A from 
the experimental data, by use of Eqs. (3) and (4) 
and then use Eq. (6) to get an effective value for 
a. To use Eqs. (3) and (4) we need to know the 
values of AS® and E,. The latter, following the 
Appendix, is set provisionally equal to zero. To 
get AS° the entropies of I, and Bre were obtained 
from the Landolt-Bérnstein tables and reduced 
to the values appropriate for a concentration of 1 
mole per liter at 25°C; the entropies of I and Br 
for the same standard state were calculated from 
the Sackur-Tetrode relation, assuming multi- 
plicities of 4, as the lowest state in each case is 
*P3/2. Thus AS° was found to be 4.00 and 4.88 for 
iodine and bromine, respectively (standard state, 
1 mole per cc). The experimental values of k, are 
taken from the work of Rabinowitch and Wood. 
It is seen (Table I) that the values with He, A, 


any collision with the requisite energy; insofar as this can 
be calculated statistically, it does not depend upon how 
many other independent degrees of freedom there are, 
where they are located, or how much energy they have. 
But it should depend upon the density of energy levels of 
the special degree of freedom near its dissociation limit, 
and this we now find. 

6 W. G. Brown, (a) Phys. Rev. 38, 1187 (1931); (b) ¢bid., 
38, 709 (1931). The data on the ground state, though they 
do not extend close to the convergence limit, also seem to be 
at least consistent, as may seen from H. Sponer, 
Molekiilspektren, Vol. | (Springer, 1935), pp. 18-19. 

7 This seems roughly justified. See W. G. Brown, Phys. 
Rev. 38, 1179 (1931); O. Darbyshire, Proc. Roy. Soc. 
(London) 159, 93 (1937); Sponer, reference 6. 
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He, and some of the other gases, are of exactly the 
order of magnitude to be expected. If we use the 
diameters from viscosity data given by Chapman 
and Cowling,’ and, following Loeb,*“ assume 
that the diameter for Brz is 10 percent greater 
than that of Clo, and the diameter of I, is 10 
percent greater than that of Bre, then we get, for 
example, 4.14A and 4.45A for the expected 
effective diameters for the He-Brz and He-I, 
collisions, respectively. The somewhat smaller 
values of Table I in these instances are not 
surprising, especially when we consider that 
effective transfer of vibrational energy in all 
probability requires a favorable relative orienta- 
tion of the molecule involved. 

In some cases the apparent diameter seems 
rather large, and in the benzene-iodine case it is 
exceedingly large. We shall single out this 
particular case for some special remarks, in order 
to see if such large diameters can be explained, 
though it should, perhaps, be noted at the same 
time that it is probably the least certain case 
experimentally. 

If the energy of activation for the dissociation 
in this case were lower than AB, i.e., if E, were 
less than zero, then the procedure used above for 
the calculation of A would give too large a 
value, and this would then result in the excessive 
value of o. This would imply an attraction 
between benzene and iodine molecules, causing 
the formation of a complex, which would be 
stabilized through transfer of energy to internal 
degrees of freedom. The amount of energy 
necessary to decompose the complex will be 
much less than that necessary to split up the 
halogen. The former process will, therefore, 
always be very much more likely to occur than 
the latter, so that we can consider that the 
equilibrium 


CeHot+12@2CeHe- Ie (A) 
is established, and the reaction 


C.He-I.->C,H,-I+I1 (B) 


is the rate-determining step, in contrast to the 
case considered above in which the collision of the 


8 (a) S. Chapman and T. G. Cowling, The Mathematical 
Theory of Non-uniform Gases (Cambridge University 
Press, 1939), p. 229; (b) L. B. Loeb, The Kinetic Theory of 
— (McGraw-Hill Book Co., 1934), second edition, p. 
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TABLE I. Effective diameters in A. 














a a(I2,X) o(Bre, X) xX o(Iz,X) o( Bre, X) 
He 1.9 1.9 Oz em i 

A 4.7 3.5 CH, 7.0 4.8 
He 2.4 2.3 CO, 10.8 YP 
Ne 5.9 4.5 CeHe 28. 











third body with the I, molecule is rate-de- 
termining. In the case under consideration the 
apparent rate constant for the dissociation will 
be equal to Kakg where Ka is the equilibrium 
constant for reaction (A) and kz the rate constant 
for reaction (B). We know that? 


Ka = (Wae'/va)e@/®?, 


where W, is a collision number of exactly the 
same form as given by Eq. (5) (but in this case 
the effective radius should be at least as great as 
that obtained from viscosity measurements), 
while v4 is the frequency of oscillation of CH, 
and I, in their mutual field of force, and Q 
is the dissociation energy of the complex. Like- 
wise kp = 5vze—4#/"7, where vg can be taken as the 
vibration frequency of I2, and the factor 5 comes 
from the multiplicity of electronic states of I; as 
before. Replacing Eq. (6) we would have for the 
factor multiplying e~44/#7 


A’=S(vp/va)e@®TeWa, (7) 


the factor 5(vg/va)e®/"7e} appearing instead of 
the 100. The exact value of (vg/va)e! is hard to 
estimate, but it is undoubtedly fairly large and of 
the order of magnitude of 20. The effectiveness of 
the benzene is, however, probably largely ac- 
counted for by the factor e®/#7. Iodine forms a 
brown solution in benzene, and it has frequently 
been assumed that in the brown solutions the 
iodine molecule undergoes a rather definite 
association with the solvent.!® It is true that the 
heat of solution in benzene!! (8.9 kcal. for 
gaseous I,) is not appreciably greater than the 
heat of solution in carbon tetrachloride, where 
the normal purple solution is formed. If, however, 
®See W. H. Rodebush, J. Chem. Phys. 1, 440 (1933). 
10 See J. H. Hildebrand, Solubility (Reinhold Publishing 
Corporation, 1936) second edition, pp. 153 ff. I am indebted 
to Dr. H. Sack for calling my attention to the possible 


connection between the color of the iodine solution and the 
rate of reaction. 

1 F, R. Bichowsky and F. D. Rossini, The Thermo- 
chemistry of the Chemical Substances (Reinhold Publishing 
Corporation, 1936). 
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the 8.9 kcal. is not uniformly distributed among 
the benzene molecules surrounding the iodine, 
but results to a considerable degree from the 
specific attraction of a single benzene molecule 
for the iodine, it is conceivable that a sufficiently 
strong C.gH¢-:I2 pair would be formed so that the 
effective energy of activation would be lowered 
enough to account for the apparent large effective 
collision diameter. 

It should be noted, however, that the formation 
of a CeHe-I2 complex would not alone be 
sufficient to explain the data. Rabinowitch also 
observed the abnormally large effect of benzene 
when he made his calculations for the direct 
recombination. He explained the result as due to 
the preliminary formation of a complex with the 
atom, CsH¢-I. Such a complex must, indeed, be 
formed if the formation of a CsH¢-I, complex is 
to be effective in producing an apparently 
abnormally large value of o for the dissociation. 
If the dissociation reaction had to take place, 
after formation of the complex, as 


CsHe-I.—>CeHe+2I, 


in one step, it would be necessary to furnish 
sufficient energy to break the complex as well as 
to dissociate the I,. The result would be that the 
effective lowering of the activation energy would 
be completely canceled, and the whole expla- 
nation would fall to the ground. The reaction 
which must actually take place is 


CyHe- I,—CH¢- I +1. 


That is to say, one of the iodine atoms must 
continue to stick to the benzene in the great 
majority of actual events. The reaction con- 
sidered by Rabinowitch miust be the exact 
reverse of the last one written, the I; molecule 
formed sticking to the benzene. 

In other cases than benzene, complexes may 
also be formed, but if they are less stable they 
will not influence the activation energy so greatly 
and so will have less effect. Even in the case of 
the rare gases, some such phenomenon must 
occur, because of van der Waals forces. For He 
and H, the effect will be almost negligible, but for 
the other gases the large apparent diameters 
seem to be about the order of magnitude expected 
from van der Waals forces, especially in view of 
the uncertainty in vg/v4. Even in the case of 





argon, where the mechanism suggested for ben- 
zene cannot be valid, since there are no internal 
degrees of freedom in argon to stabilize the 
complex, the reaction 


A+I.—A-I+I 


occurring in one step might be responsible for a 
lowering of the activation energy. (In the reverse 
reaction the A-I complex would be stabilized, in 
general, by collision with another argon, such 
collisions being frequent compared to collisions 
of A-I with another iodine atom.) 

The difference in van der Waals forces probably 
explains why collisions involving I, and a com- 
plex molecule are more effective than those of 
Br; and a similar complex molecule. 

I wish to thank Professor Hertha Sponer for an 
interesting discussion. 


APPENDIX—EVALUATION OF EF, 


E, is the average energy of two actually 
combining atoms minus the average energy of all 
pairs of atoms. As has been remarked by 
Gershinowitz and Rice,'? the average kinetic 
energy of all combining pairs exceeds that of all 
pairs by $k7, where k is the Boltzmann constant. 
However, the situation is somewhat more compli- 
cated than might be inferred from this statement. 

The potential energy curve for a pair of atoms 
is of the usual type, with a minimum at a certain 
value of the interatomic distance 7, and ap- 
proaching an asymptotic value for large r. How- 
ever, to get an effective potential energy curve 
for a pair of atoms with a mutual angular 
momentum corresponding to a rotational quan- 
tum number j, we must add to this potential 
energy curve a term equal to j7(j+1)h?(8x*mr?)—', 
where h is Planck’s constant, and m the reduced 
mass. The resulting curve has a weak maximum, 
and it is found that the average energy of all 
pairs crossing this maximum is kT greater than 
the maximum. We may say, then, that the 
kinetic energy along the line of centers of all 
pairs crossing the maximum, i.e., of all pairs 
which combine, is kT; the rotational kinetic 
energy is j(j+1)h?(8x2mr?)—', but, averaged over 
all rotational states, this will also turn out to 


have an average value of kT. The average kinetic 


12 H. Gershinowitz and O. K. Rice, J. Chem. Phys. 2, 275 
(1934). 
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energy of the motion of the center of gravity will 
be $k7, so the total average kinetic energy of a 
combining pair is 7k7/2, or 3k7T greater than 
that of a pair of atoms taken at random, as we 
have already noted. If this were all that needed 
to be considered the value of E, would be 3RT. 
But it must be noted that the maximum in the 
effective potential energy curve will occur at a 
point where the true potential energy has fallen 
below its asymptotic value. In the average case, it 
obviously cannot have fallen below the asymptotic 
value by more than kT. If it had fallen below by 
this amount the effect would be a contribution of 
—RT to the activation energy, E,. The latter 
quantity must thus lie between —}RT and 3RT, 
and since, as we do not know the exact function 
for the interatomic potential, we cannot calculate 
it exactly, it seems best to set it equal to zero. 


AND G. S. 





PARKS 


It may be objected that this argument takes 
into account only the collision of the two atoms, 
and the third body is neglected altogether, 
whereas the energy involved ought to include the 
energy of the whole system. However, the fre- 
quency of collision of the third body with the pair 
of atoms is completely taken care of by means of 
a standard collision formula, in which the effect 
of any energy of activation for this phase of the 
collision is already included. The fact that Eqs. 
(5) and (6) do depend on the temperature implies 
an activation energy, but this need not be con- 
sidered explicitly. Should there be, however, any 
specific attraction between the third body and 
the colliding pair, so that a complex can be 
formed with the third body, then this will lower 
the activation energy and will need to be con- 
sidered, as has been done in the text. 
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Studies on Glass 


XVII. The Thermal Conductivity of Glassy and Liquid Glucose 


EARNEST S. GREENE AND GEORGE S. PARKS 
Department of Chemistry, Stanford University, Stanford University, California 
(Received October 30, 1940) 


The coefficients of thermal conductivity of glassy and liquid glucose have been measured 
between —77 and +80°C with a concentric cylinder apparatus. The results show no irregu- 
larity or significant change within the ‘‘transition’’ or softening region of the glass. 


INTRODUCTION 


HE heat capacities of numerous glass-form- 

ing, organic materials have been measured 

by the Nernst method by Parks and his collabo- 
rators.! In all cases the results have yielded a 
specific heat curve which rises rapidly within a 
“‘transition’”’ region of about ten degrees on the 
temperature scale. Incidentally, it also has been 
observed that the time intervals required for the 
attainment of thermal equilibrium in the specific 
heat runs in this transition region are apparently 
sixfold to tenfold those required in similar runs 


1(a) G. S. Parks, H. M. Huffman and F. R. Cattoir, 
J. Phys. Chem. 32, 1366 (1928); (b) G. S. Parks, S. B. 
Thomas and D. W. Light, J. Chem. Phys. 4, 64 (1936); (c) 
J. D. Ferry and G. S. Parks, ibid. 4, 70 (1936). 


either on the hard brittle glass existing below or 
on the extremely viscous liquid above this 
region. Several hypothetical explanations for this 
observation early suggested themselves, 17.; 
(1) the presence of a very marked minimum in 
the thermal conductivity of the glass-forming 
material within the transition region or (2) the 
occurrence within the substance of configura- 
tional changes which are sluggish and are accom- 
panied with the slow absorption of a small 
amount of heat or (3) a combination of the two 
phenomena just mentioned. 

The present study of thermal conductivity was 
undertaken in 1937 to provide a basis for decision 
between these several hypotheses. Glucose was 
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selected as the glass-forming material because 
the transition region in this case comes in the 
neighborhood of 20°-30°C and thus the measure- 
ments over the desired temperature intervals 
could be carried out for the most part with a 
small, adjustable water thermostat. After the 
completion of our investigation Kuvshinskii? 
published the results of a somewhat parallel 
study on rosin and amorphous phenolphthalein 
in which he has arrived independently at a 
conclusion similar to that presented here. 


APPARATUS AND METHOD 


The apparatus employed in these measure- 
ments of thermal conductivity consisted essen- 
tially of two concentric cylinders with a layer of 
amorphous glucose 0.58 cm thick between them. 

The outer cylinder was a copper tube, 20.0 cm 
long and 3.82 cm inside diameter, with a wall 
thickness of about 0.5 cm. The top and bottom 
of this cylinder were closed by brass plates, 
about 0.4 cm thick, which were fitted with fiber 
gaskets and screwed tightly into place so as to 
make a water-tight container. Through the top 
plate two brass tubes, 0.6 cm in diameter and 
about 10 cm long, were soldered. These served 
to bring out the thermocouple wires and the 
heating coil leads when the apparatus was im- 
mersed in the liquid of a thermostat. A hole, 0.1 
cm in diameter and 10 cm long, was drilled 
lengthwise in the wall of this outer cylinder very 
close to the inner surface to accommodate a 
thermocouple for the accurate measurement of 
its temperature. 

The inner cylinder, 2.66 cm in diameter and 
12.0 cm long, was made up of two pieces: a solid 
copper core 1.80 cm in diameter and a copper 
sleeve fitting thereon with just sufficient clear- 
ance so that a heating coil of No. 30 (B and S 
TABLE I. Best values for the conductivity of amorphous glucose 

(in calories cm second degree“). 

















Teme.,°C | -RX108 Temp.,°C X10 
—774 7.80 : 35 8.43 
0 8.04 40 8.46 

10 8.08 50 8.45 

20 8.15 60 8.41 

25 8.23 70 8.34 

30 8.32 80 8.22 








11938) V. Kuvshinskii, J. Tech. Phys. U.S.S.R. 5, 491 


gauge) manganin wire could be wound over the 
solid core. This double-silk covered manganin 
wire had a resistance of about 7 ohms and was 
furnished with leads of No. 30 copper wire. 
A hole, 0.1 cm in diameter and 6 cm long, was 
drilled lengthwise in the wall of the copper 
sleeve very close to the outer surface to accommo- 
date a second thermocouple for the accurate 
measurement of the surface temperature. This 
inner cylinder, when the conductivity apparatus 
was in use, rested on a small ivory peg, about 
3 cm long, which was centered on the bottom of 
the outer cylinder. The two cylinders were then 
held in a uniform concentric position by six tiny 
fiber pegs which projected radially from the 
inner copper cylinder. Thus, when the inter- 
vening space was filled with glycerol or glucose, 
the radial thickness of such poorly conducting 
material was 0.58 cm but the end thickness was 
about 3.0 cm. 

The procedure in making measurements of 
thermal conductivity consisted in placing this 
apparatus in a small adjustable thermostat, 
introducing heat electrically into the inner 
cylinder at a measured rate and then deter- 
mining, by means of copper-constantan thermo- 
couples and a White potentiometer, the tempera- 
ture difference between the adjacent surfaces of 
the two concentric copper cylinders when a 
steady state had been attained. 

The heat conducted radially per second be- 
tween the two cylinders is given by the equation 


g=ka;(T,\—T>) In od (1) 
Yr) 

where 7}, a; and 7 represent, respectively, the 
temperature, lateral area and radius of the inner 
cylinder, T2 and r2 the temperature and inside 
radius of the outer cylinder, and & is the coeffi- 
cient of thermal conductivity of the material 
between the cylinders. In such an apparatus 
there is also a small amount of heat transferred 
from the ends of the inner cylinder but this end 
effect cannot be readily evaluated by mathe- 
matical analysis. In practice it amounts essen- 
tially to altering the quantity a, by a factor f to 
yield a somewhat larger effective conducting 
surface. Accordingly, to evaluate this factor the 
apparatus was first calibrated by placing a 
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liquid of known thermal conductivity between 
the concentric cylinders. 

Purified glycerol, density 1.2549 grams per cc 
at 27°, was employed for this purpose at 20°C 
and from the available data* its coefficient (k) 
was taken as 0.000699 cal./(cm second degree). 
Six different calibration runs, involving an eight- 
fold range in the quantity 7,—T>2, thereby 
yielded a mean experimental value of 1.0474 
(+0.0013) for f. However, in spite of the high 
reproducibility of these calibrations, the absolute 
accuracy of this factor is actually limited by an 
uncertainty of perhaps 2 percent in the value 
adopted here for the conductivity of the glycerol. 


RESULTS FOR GLUCOSE GLASS 


The glucose glass was made by melting crystals 
of Pfanstiehl C. P. a-glucose and rapidly cooling 
the resulting liquid in accordance with the 
previous procedure of Parks and co-workers.‘ 

After some preliminary work on the experi- 
mental method, five different samples of the 
glass were thus prepared and employed in the 
thermal conductivity apparatus. With each of 
these five samples a series of measurements of 
the conductivity coefficient k was made over the 
temperature range from 0° to 70° or 80°C. In 
the so-called transition region, between 18° and 
32°, the individual determinations in a series 
were spaced at intervals of only 1 or 2°; elsewhere 
the spacing was usually 5 to 10°. The tempera- 
ture difference (7:1— 72) was varied from 0.8° 
to 1.6° without any appreciable change in the 
results. As a reproducibility test two separate 
series of measurements, each involving eighteen 
determinations, were made with sample I. The 
corresponding runs in these series differed by 
0.5 percent on the average and in only two 
instances by more than 1.0 percent. In the case 
of three samples a measurement of thermal 
conductivity at —77.4°C was also made with the 
apparatus in a bath of carbon dioxide crystals 
and alcohol. 

The results with all five samples of glucose 
glass were qualitatively the same. Below 20° the 
conductivity coefficient increased very slightly 
with the temperature; above 20° it increased 

3 Int. Crit. Tab. (1926), Vol. V, pp. 227-228. 


4G. S. Parks, L. E. Barton, M. E. Spaght and J. W. 
Richardson, Physics 5, 193 (1934); also reference 1(a). 
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Fig. 1. A plot of the coefficients of thermal conductivity 
for two samples of amorphous glucose. The triangles refer 
to determinations with glass F-G, the circles to glass J, 
series 1, and the dots to glass J, series 2. The results for 
these two series practically coincide at 6°, 13°, 18°, 22°, 
24°, 30° and 55°. 


more rapidly to a maximum around 40° and then 
slowly fell off with further rise in temperature. 
There were, however, systematic quantitative 
differences in the conductivities of these five 
glasses and their values of k ranged over an 
interval of 3 to 4 percent at any particular 
temperature. Such systematic differences may 
have resulted from variations in the chemical 
character and moisture content of the several 
glasses or possibly to the presence of undis- 
covered cracks and bubbles in the samples as 
they were placed within the conductivity appa- 
ratus. 

By plotting all experimental results against 
temperature, a representative or average curve 
was finally derived. From this were read off the 
series of ‘‘best values” for k which are given in 
Table I. Such values are probably accurate to 
within 3 percent in an absolute sense and to 
within 1 percent for comparative purposes. As a 
graphical illustration of the general character of 
the data the series of measurements on glass 
F-G and the two independent series on glass / 
have been plotted in Fig. 1. 


DISCUSSION 


The results obtained in this study demon- 
strate that there is no minimum or other im- 
portant change in the thermal conductivity of 
amorphous glucose within the ‘‘transition” or 
softening region of the glass. Accordingly, in the 
specific heat investigation of Parks, Huffman 
and Cattoir! by the Nernst method the com- 
paratively long intervals of time required in this 
region for attainment of apparent thermal equi- 
librium must have been caused by the occurrence, 
within the substance, of configurational changes 
which are sluggish and are accompanied by the 
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absorption of a small amount of heat. Such a 
configurational specific heat partakes of the 
nature of the heat of fusion in the crystal- 
liquid transition but it is not as definitely corre- 
lated to temperature. Thus Parks and Thomas,’ 


5G. S. Parks and S. B. Thomas, J. Am. Chem. Soc. 56, 
1423 (1934). 


using a “‘radiation’’ calorimeter which involved 
much more rapid input of heat than in the 
Nernst method, shifted much of this configura- 
tional heat effect in amorphous glucose up to 
the temperature interval 28-38°C, where it ap- 
peared as a marked energy “hump” of about 1.2 
cal. per gram. 
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The Temperature Coefficient of the Conductance of Potassium Chloride in 
H.O = D.O Mixtures* 


Victor K. LAMER AND FREDERICK C. NACHOD 
Department of Chemistry, Columbia University, New York, New York 
(Received September 16, 1940) 


The temperature dependence of the equivalent conductance A of 0.02 molar potassium 
chloride has been studied at 5, 25, and 45°C as a function of the deuterium content of the 
solvent. The new data for A at 5 and 45°C exhibit the same sag type of curve when plotted 
against the deuterium fraction, Fp, of the solvent as observed previously by LaMer and 
Baker for 0.01M KCI at 25°C. Although the equivalent conductance in pure D2O decreases to 
83 percent of the H:O value, the Walden product (An) of equivalent conductance A multiplied 
by relative viscosity of the solvent 7 remains almost constant. It increases slightly but linearly 
with Fp from 138.5 to 141.1 at 25°C. Similar behavior is noted at 5° and 35°C. The temperature 
coefficients of conductance (1/A)(AA/At) for the intervals 5—25° and 25-45°C increase linearly 
and in parallel with Fp corresponding to 8.1 percent and 5.7 percent respectively on passing 


from H.O to D.O. 


T is well known that the conductance of elec- 
trolytes decreases markedly on changing the 
solvent from HO to D.O. In the previous work 
from this laboratory’? it has been shown in the 
case of salts, as contrasted with acids and bases 
where exchange processes complicate the picture, 
that the conductance is determined almost ex- 
clusively by the viscosity of the medium. 
Simple and accurate interpolation formulae are 
consequently available at 25°C for the calcula- 
tion of the conductance of salts in the mixed 
H,0-D,0 waters. The purpose of the present 
research is to extend these findings to other 
temperatures, and to inquire how the tempera- 
ture coefficient of conductance is affected by 
deuterium substitution. 


* Publication assisted by the Ernest Kempton Adams 
Fund for Physical Research of Columbia University. 

1W. M. Baker and V. K. LaMer, J. Chem. Phys. 3, 
406 (1935). 

2 J. P. Chittum and V. K. LaMer, J. Am. Chem. Soc. 59, 
2425 (1937). 


EXPERIMENTAL PROCEDURE 


The apparatus consisting of a Leeds and 
Northrup high precision bridge, oscillator, and 
thermostats is the same as described in the 
previous papers.” * The two cells employed were 
of the type described by Baker and LaMer! and 
were completely filled to prevent evaporation and 
condensation of the water on change in tempera- 
ture. The distance between the electrodes was 5.5 
and 4.4 cm, respectively, and the electrode 
diameters were about 1 cm. The values of the cell 
constants with 0.01 Demal KCI solution, follow- 
ing the procedure of Jones and Bradshaw,‘ are 
5.9033 and 3.4948, respectively, at 25°C. 

That the cell constants do not vary with 
temperature more than the experimental accu- 
racy may be shown as follows. Linear expansion 

3F. Brescia, V. K. LaMer and F. C. Nachod, J. Am. 
Chem. Soc. 62, 614 (1940). 


4G. Jones and B. C. Bradshaw, J. Am. Chem. Soc. 55, 
1780 (1933). 
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Fic. 1. Temperature coefficient (1/A)(AA/At) X 10? 


plotted against the deuterium content of the solvent 
water Fp. 


may be expressed by either 


1, =1)(1+ at) (1) 
or 
1 dl 
-X—=a. (2) 
l dt 


For Jena glass, out of which the cells were made, 
10°a is given as 8.03 and for the electrode 
material, platinum, the values 8.79 and 8.9 are 
given® for temperatures between 0 and 80°C. 
The expansion of the electrode plane F can be 
written : 

F,= Fo(1+2at+a7t’), (3) 
where the term a*/? becomes negligible. The cell 
constant C is the ratio of the length of the 
solution column to the cross section of the 
electrodes : 

0 =1)/ Fo (4) 


C.=1,/ F,. (4a) 
5 Int. Crit. Tab. 1, 104; 2, 93, 461. 


and 
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TABLE 1. Summary of equivalent conductance of KCI at 
0.02 molar as function of temperature and deuterium content 
of solvent. (Values in parenthesis are extrapolated.) 




















1 AA 
Fp anv AS eC Ao.o2 | wry a. (An)o.02 
5 87.6 87.6 
0.0000 0.0184 
25 138.5 . 138.5 
.0000 0.0211 
45 197.1 
5 81.8 
.2656 0.0188 
25 131.1 139.0 
.02866 0.0212 
45 186.5 
5 76.6 
.5260 0.0192 
25 124.4 139.4 
.05676 0.0215 
45 178.0 
5 72.9 
.7360 0.0196 
25 119.7 139.9 
.07941 0.0220 
45 172.3 
5 69.45 
.9765 0.0198 
25 115.05 140.8 
.10536 : 0.0224 
45 166.5 
5 (69.0) (89.9) 
(1.00) (0.0199) 
25 (114.5) (141.1) 
(0.1079) (0.0223) 
45 (165.8) 
Therefore : 
1+ giasst . 
C45° = Case a (9) 
1 +2apt 


The cell constants for the cells A and B were 
therefore calculated to be 5.9044 and 3.4955 at 
5°C and 5.9021 and 3.4941 at 45°C. Since the 
change in the cell constants is about 0.02 percent, 
and therefore less than the precision of the 
measurements, no correction for this temperature 
effect need be taken into account. 

The two cells were cleaned with aqua regia, 
using an electrolytic current of 20 ma for five 
minutes, washed, rinsed and platinized for 
twenty minutes, also with a current of 20 ma. 
The customary treatment with 1N H2SO, and 
electrolysis followed, to remove traces of plati- 
nizing solution.® The cells were steamed for one 


6 J. Reilly and W. N. Rae, Physical-Chemical Methods 
(Van Nostrand, 1932), second edition, p. 707. 
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hour but were never allowed to dry out in any 
subsequent operation. 


PREPARATION OF SOLUTIONS 


The molality of the solutions was close to 
0.0206 in all cases, since approximately 3.05 
xX10-* of a mole of KCl was weighed out and 
dissolved in 15 ml of solvent, delivered from a 
pipette for each determination. The 22—23 mg of 
KCI involved could be weighed out with an 
accuracy of +0.03 mg on a special balance. 
This weighing, which introduces an uncertainty 
of 0.15 percent, is the controlling factor in the 
reproducibility of the individual determinations. 
The deuterium fraction of the solvent water, Fp 
is computed as AS/0.1079 in column 1 of Table I 
AS is the difference in specific gravity d32 of the 
mixed waters and ordinary water. The cells were 
rinsed twice with portions of the solutions, then 
completely filled and immersed in the thermo- 
stat. After one hour the resistances became con- 
stant to 0.01 percent and were always checked 
after the end of the second hour. 


EXPERIMENTAL RESULTS 


The data reported in Table I represent average 
values of three closely agreeing determinations 
in ordinary water and two separate determina- 
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5°, 25° and 45°C and the Walden products An for 5°, 25° 
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tions, using cell A and cell B, for each of the 
mixed waters. The maximum discrepancy be- 
tween duplicates was 0.4 unit in A at Fp = 0.7360. 
In almost all other cases the duplicates agreed to 
within 0.1 unit in A. This is the probable precision 
of the data. 

In computing the data, the dilatation of the 
solutions was taken into account. The volume 
molar concentrations were computed for each 
temperature from the densities of the solutions 
d,‘, yielding A, at the experimental molarity 
C=0.0201 to 0.0207, from the measured re- 
sistances. All A. values were then brought to a 
round value of c=0.0200 molar, using the 
experimental slope for the dependence of A on 
/c at 0.02M as given by Shedlovsky’ in the 
correction term AA=68A,/c. This correction 
never exceeded 0.17 unit in A. 

The temperature coefficients 


[(1/A)(AA/At) Jo.o2, 


computed for the temperature ranges 5—25°C and 
25-45°C, are given in column 4 of Table I and 
are plotted against Fp in Fig. 1. It will be ob- 
served that although the temperature coefficients 
for the two ranges differ considerably, they 
increase linearly and in parallel with increasing 
deuterium content. 

The values of Ao.o2 at 5, 25 and 45°C (Fig. 2) 
exhibit the same negative departure from linear 
dependence upon Fp as do the previous data of 
Baker and LaMer® for KCI at 0.01M KCI at 
25°C. These authors found that the negative 
departure from linearity was removed when the 
so-called Walden product Ay, where 7 is the 
relative viscosity of the solvent, was computed. 
The product An at C=0.01 increased linearly from 
141.4 to only 144.0 as Fp increased from 0 to 1. 
This means that the sag character of the con- 
ductance and the mobility of salts in heavy 
water mixtures arises almost completely from the 
nonlinear dependence of the viscosity 9 of the 
solvent upon deuterium content. Since then 
Jones and Fornwalt® have found that the fluidity 
y can be represented accurately at 25°C by the 
formula g=1/y7=1—2.06855(AS) +3.1122(AS)?. 

7D. MacInnes, The Principles of Electrochemistry (New 
York, 1939) pp. 334, 336. 

8W. N. Baker and V. K. LaMer, J. Chem. Phys. 3, 


406 (1935). 
9 G. Jones and H. J. Fornwalt, J. Chem. Phys. 4, 32 (1936). 
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Computing 7 from this formula it is noted that 
An at 25°C for C=0.02 is indeed a linear function 
of Fp. Unfortunately, precision values of 7 at 
other temperatures are not available for the 
mixed waters but the parallel behavior of the 
product An at 5° and 35°! where the relative 


~ 10G, N. Lewis and R. T. MacDonald, J. Am. Chem. Soc. 
55, 4730 (1933). 


viscosity of pure D.O is known, indicate that an 
analogous formula for 7 at these temperatures 
could be used safely for interpolating values of A 
in mixed water at these temperatures from the 
product Ay for pure H2O and pure D,O." The 
values for An are also found in Fig. 2. 


1 W. N. Baker, J. Chem. Phys. 4, 294 (1936). 
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A Theory of the Thermodynamic Properties of Large Molecules 


RICHARD E. PowELL, CHARLES R. CLARK AND HENRY EyYRING 
Princeton University, Princeton, New Jersey 


(Received December 11, 1940) 


The nature of the viscosity of linear polymers led 
Kauzmann and Eyring, in an earlier paper, to interpret 
flow as occurring by means of the more or less random 
motion of segments. In this paper it is shown that this 
theory of motion of segments provides an explanation for a 
variety of thermodynamic properties. These are: (a) the 
change of melting temperature with chain length; (b) the 
abnormally large increase in the osmotic pressure of large 
linear polymers with concentration; (c) the abnormally 
large vapor pressure of solvent above concentrated solu- 


AUZMANN and Eyring, in a recent study of 
the experimental results of Flory and others 
on the viscous flow of some linear polymers, have 
come to the conclusion that these long molecules 
in the absence of solvent flow only as a result of a 
random moving forward of segments.'? Thus 
they find for the average unit of flow, i.e., 
segment, for paraffin hydrocarbons about 20-25 
chain atoms, for polyesters 28-34 atoms, for 
rubber 40 atoms, and for liquid sulfur 20 atoms. 
The purpose of the present paper is to present 
some other phenomena which likewise are to be 
explained in terms of this ‘‘segment’’ picture of 
long molecules. 

It is of interest to examine in detail the kinetic 
process, to see why a long molecule may well be 
expected to act in segments of 20 or 30 atoms. In 
the above approximate estimates of segment 
lengths, Kauzmann and Eyring have assigned all 

1P. J. Flory, J. Am. Chem. Soc. 62, 1057 (1940). 


2W. Kauzmann and H. Eyring, J. Am. Chem. Soc. 62, 
3113 (1940). 


tions of such polymers; (d) the fact that surface tension 
becomes independent of the molecular weight for long 
molecules; (e) the volume and entropy changes of swelling 
of polymers. The theory for the effect of concentration of 
solvent is developed and segment lengths are calculated. 
All effects indicate segments of the order of 20 atoms in 
length, the length varying with the nature of the polymer. 
According to the theory each of these properties can be 
used as a basis of a method for testing the rigidity of the 
structure of macromolecules. 


of the energy of activation for viscous flow (~8 
kcal.) to making the necessary hole for the 
segment, and none of the energy to rotation 
about the carbon-carbon bonds. Ordinarily a 
small amount of the energy, of the order of 1 to 2 
kcal., would be expected to be required for the 
articulation of the segment while the remainder 
is the energy of formation of the alternative 
equilibrium position. The potential restricting 
rotation about one single bond may be taken in 
the form E=4Eo(1—cos 3¢) where Ep is about 3 
kcal. Now suppose that a particular group in the 
chain shifts to a new equilibrium position by 
rotating through 180°, not by surmounting a 
single 3-kcal. barrier but, on the average, twisting 
each of 1 bonds in the chain through the smaller 
angle 180°/n. The required energy will be 
E=3n/2(1—cos 540/n), which, solved for E=2 
kcal., gives n=33. Thus the behavior of a long 
molecule in segments does not necessarily require 
the presence of ‘‘weak links’’ at intervals along 
the chain, but only requires a slight twisting of 
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each of some 30 bonds, so as to permit a forward 
movement of that portion of the chain. In certain 
compounds where stiff structures like rings are 
joined into the chain by single bonds, the 
articulation may occur through rotating about 
relatively few of these single bond links. 


A. MELTING Points oF HoMoLoGous SERIES 


Lennard-Jones and Devonshire, and more re- 
cently Roseveare, Powell and Eyring have shown 
that melting may be considered, from a statistical 
point of view, as the introduction of new equi- 
librium positions into the solid. The latter 
authors, by using the results on the effect of 
pressure on viscosity, have been Jed to interpret 
the part of the entropy of melting arising from 
translational ‘randomness as being due to the 
introduction of half a mole of new equilibrium 
positions per mole of molecules. The entropy of 
fusion is gained partly from this increase in 
disorder of the molecules, partly from increased 
possibilities of rotation for the molecules, while 
the heat of fusion is that required to break or 
stretch bonds between molecules in order to 
create the new equilibrium positions. If a mole- 
cule is long enough so that it acts in segments, the 
new equilibrium positions need be supplied only 
for these segments. The entropy of fusion will be 
that for the disorder and rotation of segments, 
and the heat of fusion will be that for the 
deforming of bonds required to introduce the new 
equilibrium positions for segments. The melting 
point, which is given by the ratio AH;/AS,, will 
be determined only by the properties of the 
segments. The melting points of an homologous 
series should then approach a limiting value, and 
since the nature of the end groups becomes 
unimportant, the limiting melting point should 
be the same for all series. This convergence of 
melting points is a familiar phenomenon, and 
various workers have estimated the convergence 
temperature as 103—141°C.* Figure 1 shows a plot 
of the melting points against the chain length for 


3 J. E. Lennard-Jones and A. F. Devonshire, Proc. Roy. 
Soc. A169, 317 (1939). 

*W. E. Roseveare, R. E. Powell and H. Eyring, J. 
App. Phys. 12 (1941). 

> (a) Cf. A. M. King and W. E. Garner, J. Chem. Soc. 578 
(1931). (b) P. J. Flory, in a private conversation, called our 
attention to the need of a theory for the change of melting 
point with chain length. 
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the normal paraffins and several other homologous 
series. The convergence temperature is about 
395°K or 122°C. The effective length of a 
molecule, i.e., segment length, may be obtained 
at once. For the lower homologs melting in 
segments plays no part, so comparison of their 
melting points will give the true increase in 
melting point per added CHe2 group. The alter- 
nation in melting points shown by the short 
molecules of an homologous series, as well as the 
variations introduced by the end groups, have 
been discussed elsewhere and do not significantly 
affect the melting in segments shown by long 
molecules, and so are not considered further 
here.® As Fig. 1 shows, the slope of the curves in 
the straight line portion is nearly the same for 
even paraffins, odd paraffins, olefines and alco- 
hols, amounting to 20° per CH». A paraffin 
melting at 395°K has therefore an effective chain 
length of 395/20 or about 20 CH groups. 
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6 E. Gorin, J. Walter and H. Eyring, J. Am. Chem. Soc. 
61, 1876 (1939). 
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B. Osmotic PRESSURE OF POLYMERS 


The expression for osmotic pressure may be 
derived by a standard thermodynamic treatment, 
as follows : Consider a large amount of solution on 
one side of a semi-permeable membrane with 
pure solvent on the other side, and the transfer of 
one mole of solvent through the membrane. The 
free energy change is given by 


Pp 
a= f VidP= Vill, (1) 
Po 


where V; is the molal volume of the solvent and II 
the osmotic pressure. For an ideal solution, the 
free energy change is only due to the entropy 
change of ideal mixing, so 


AF, = —TAS,=RT In M,, (2) 


where J, is the mole fraction of solvent. Upon 
combining Eq. (1) and Eq. (2) the expression for 
osmotic pressure is obtained: 


WV; 
rT =In N,. (3) 





For dilute solutions, Eq. (3) reduces to the 
familiar equation of van’t Hoff: 


NV; 
RT 





To develop an expression for the osmotic pres- 
sure of long molecules, it will be assumed first 
that the osmotic pressure is determined by the 
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effective mole fraction, not the actual mole 
fraction, i.e. 
WV; no* 


=N,*= —, , (5) 
RT Ny+no* 








where 7, is the number of molecules of solvent 
and n* the effective number of molecules of 
solute. The effective number of molecules of 
solute may be evaluated in terms of the actual 
number by considering the behavior of a single 
segment of a long molecule. If the polymer 
segment is adjacent to an unoccupied equilibrium 
position large enough for it, and in an environ- 
ment of other polymer molecules, the two posi- 
tions for the segment will be nearly equal in 
energy and the molecule will be able to move by 
segments. On the other hand, if the polymer 














TABLE I 
| SEGMENT 
POLYMER M.W. SOLVENT LENGTH 
—— Si escola 
Cellulose nitrate 66,500! | cyclohexanone | 9 
- = 111,000? | ethyl benzoate + 
11% ethanol 9 
111,000 | methyl salicylate + 
20% methanol } 9 
111,000 | acetophenone +3°% | 
ethanol 9 
111,000 | cyclohexanone +5.8°% | 
ethanol 9 
111,000 | acetone | 10 
111,000 | acetic acid 11 
111,000 | methanol 14 
111,000 | nitrobenzene | (1960) 
51,000% | acetone 12 
81,000 | acetone 13 
176,000 | acetone | 14 
42,5004 | acetone 9 
19,2505 | acetone 10 
42,200 | acetone 10 
a - 56,500 | acetone 10 
ee “ 96,500 | acetone 10 
Cellulose acetate 41,8006 | tetrachlorethane 11 
Methyl cellulose 61,1007 | water 14 
- a 36,500 | water 14 
Polystyrene 68,8003 | toluene 24 
is 189,000 | toluene 29 
“ 225,000 | toluene 33 
“i 420,000 | toluene 33 
Polyethylene-oxide 83,5003 | water 30 
ia 33,500 | water 26 
e 21,700 | water | 18 
Gutta-percha 30,0008 | toluene | 42 
Caoutchouc 270,000° | toluene 52 
sas 305,000'9} benzene 94 
| 205,0001!| benzene 93 
¥2 | 129,000 | benzene 74 
i 110,000 | benzene 91 
4 84,000 | benzene 264 
Gutta-percha 37,000 | benzene iZ 460 





1C. G. Boissonnas and K. H. ns ae. Chim. Acta 20, 783 ; (1937). 
2A. Dobry, J. chim. phys. 32, 50 (19 
3G. V. Schulz, Zeit. f. physik. Chemie Ali6, 317 (1936). 
4 J. Duclaux, Comptes rendus 152, 1580 (1911). 
5 E. H. Biichner and H. E. Steutel, Proc. Acad. Sci. Amsterdam 36, 
671 (1933). 
6O. Hagger and A. J. A. van der Wyk, Helv. Chim. Acta 23, 484 


Oy 
V. Schulz, Zeit. f. physik. wy nah 453 (1936). 

aS Wolff, Helv. Chim. Acta 23, af (1940). 

9K. H. Meyer, E. Wolff, and C. G. Boissonnas, Helv. Chim. Acta 
23, 430 (1940). 

0H, Kroepelin and W. Brumshagen, Berichte 61, 2441 (1928). 

11 W. A. Caspari, J. Chem. Soc. 105, 2139 (1914). 
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segment and its adjacent cavity are in an 
environment of small solvent molecules, the 
empty position will virtually always become 
filled by the small molecules. For example, let a 
segment be the size of 10 solvent molecules; then 
if the cavity is to be occupied by the polymer 
segment, the ratio of the number of new arrange- 
ments to the number of old arrangements is 2; if 
the cavity is to be occupied by the solvent mole- 
cules, the ratio is 2*°. This statistical effect is so 
overwhelmingly in favor of the solvent molecules 
that the polymer molecule does not have a chance 
to show that it can move by segments. The 
second assumption, then, is that the probability 
of a polymer molecule’s moving in segments is a 
linear function of its environment, as expressed 
by the volume fraction of polymer. If a single 
molecule behaves like Q segments when in the 
pure polymer, 


no* =n[1+(Q—1)¢2], (6) 


where m2 is the actual number of polymer mole- 
cules, and ¢2 is the volume fraction of polymer. 
Substitution of Eq. (6) into Eq. (5) yields the 
expression for the osmotic pressure of long 
molecules, which may be put into any of the 
equivalent forms: 











TV, 
RIN, 1 te Do (7a) 
IV. 

1M; . 

~~ (7c) 


where N2 is the mole fraction, ¢2 the volume 
fraction, cz the concentration in g/cc, M. the 
molecular weight, V2 the molal volume, and dz 
the density of the polymer. Terms of higher order 
in ¢2 have been omitted. It may be pointed out 








PROPERTIES OF LARGE MOLECULES 














TABLE III.! 

Il YDROCAR BON SURFACE TENSION, 20°C 
n-CeoH 122 ~29.1 
n-CopHs4 ~29.4 
n-CisH3s ~28.1 
n-Cj9H 22 23.91 
n-CsHis 21 .80 
n-CeHi4 18.43 








1 Data from Int. Crit. Tab. 4, 446; and Tables Annuelles 11, 7:9, 
and 12, 7: 11. Values marked ~ are extrapolated to 20°C. 





TABLE IV. 

SUBSTANCE M.W. M.W.* 
tripalmitin! 806 189 
tristearin 890 178 
amyl stearate? 354 ; 179 
diethyl-caproyl-malate 288 172 
diethyl-caprylyl-malate 316 177 
diethyl-caprinyl-malate 344 172 
n-hexacontane* 843 204 
n-myricyl alcohol 438.5 157 
n-hexacosane 366.4 147 





1 P, Walden, Zeits. f. physik. Chemie A75, 555 (1910). 
2P. A. Guye and I. Homfray, J. chim. phys. 1, 529 (1903). 
3 R. Schenk and M. Kintzinger, Rec. trav. chim. 42, 759 (1923). 





that Eq. (7) reduces for very dilute solutions to 
van't Hoff’s equation, as it should, and that it 
predicts a linear increase of reduced osmotic 
pressure II/c with concentration c. An expression 
of this type has been found to represent the 
experimental data very well for a number of 
polymer solutions.** Furthermore, if reduced 
osmotic pressure is plotted against concentration 
for a polymer with different degrees of poly- 
merization a family of parallel lines should be 
obtained, for while the intercept is a measure of 
the total molecular weight, the slope is simply a 
measure of the size of a segment. As a typical 
example of experimental results, the data of 
Biichner and Steutel on the osmotic pressure of a 
series of cellulose nitrates have been reproduced 
in Fig. 2. Each line represents a polymer of 
different molecular weight. 

Equation (7) has been derived for an ideal 
solution, and should be precisely valid when the 
solvent is chemically similar to the polymer. It is 
not unexpected, of course, that there may be 








TABLE II. 
, | SEGMENT 
SUBSTANCE M.W. SOLVENT M.W.* | LENGTH 
oleyl oleate! 532.5 | carbon tetrachloride 242 17 
dioleyl thapsate 787 carbon tetrachloride 238 16 
caoutchouc? 270,000 | toluene 417 25 

















? K. H. Meyer and R. Liihdemann, Helv. Chim. Acta 18, 307 (1935). 
nun E. Wolff and C. G. Boissonnas, Helv. Chim. Acta 23, 


7For an excellent summary of previous work on this 
problem, cf. H. Mark, Physical Chemistry of High Polymeric 
Systems (Interscience Publishers, New York, 1940). 

8 The subject has been discussed from a somewhat 
different point of view by K. H. Meyer, Zeits. f. physik. 
Chemie B44, 383 (1940); Helv. Chim. Acta 23, 1063 (1940). 
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TABLE V. TABLE VI. 
SUBSTANCE INITIAL AV PER G WATER ABNORMAL ENTROPY 
SOLUTE POLYMER DECREASE 
Casei —0.39 
war grains —0.26 Y Ho, A, Ne Synthetic rubbers! 4or5E.U. 
Wood fiber — 1,00 Water Agar-agar? 4.7—2.8 
Water Casein 3.8—1.6 
a a Water Keratin 3.5—3.2 
Water Sitka spruce*® 6.1—0.0 
Water Cotton! 4.7-—0.9 


deviations from ideality in both directions. If the 
polymer molecules tend to cluster, the solution 
will effectively be more concentrated and the 
slope of II/c against c steeper. If the solvent 
molecules are attracted strongly to the polymer 
molecules, the solution will effectively be more 
dilute and the slope less steep. This result has 
been encountered by Dobry (cf. Table I), who 
has studied the osmotic pressure of cellulose 
nitrate and of cellulose acetate in a variety of 
solvents. Nevertheless, the additional heat 
changes and entropy changes resulting from such 
“quasi-reactions”’ in solution will generally com- 
pensate for each other, and the net result will 
differ little from the results of Eq. (7). The total 
heat change or total entropy change may show 
all sorts of wide deviations, so that while the 
breaking up of the free energy change of osmosis 
into a heat and an entropy term is interesting for 
a study of the imperfection of solutions, such 
data can hardly be expected to clarify the prob- 
lem of osmotic pressure of polymers. 

Table I summarizes the average segment length 
calculated from Eq. (7) for a number of cellulose 
derivatives, polystyrenes, polyethylene-oxides, 
and rubbers. In polystyrenes where the chains 
are made up of methylene groups and in poly- 
ethylene-oxides which also have ether oxygen 
linkages in the chain, the segment length is 
approximately 20-30 atoms. In the cellulose 
derivatives, each glucose unit is in the form of 
a closed ring, so all rotation must take place 
around the ether oxygen linkages. The segment 
length of 9-14 atoms corresponds to about 2 
glucose units. The smallest segment found in the 
rubber preparations is 42 atoms, but the segment 
length varies widely from sample to sample and 
sometimes reaches very high values. It is proba- 
ble that the presence of cross-linkages in rubber 
plays an important part in stiffening the structure 
and preventing rotation. 

Investigation of the vapor pressure of the 











1R. M. Barrer, Trans. Faraday Soc. 35, 628 (1939). 

2 R. Fricke and J. Liike, Zeits. f. Elektrochem. 36, 318 (1930). 

3A. J. Stamm and W. K. Loughborough, J. Phys. Chem. 39, 121 
(1935). 

4A. R. Urquhart and A. M. Williams, J. Textile Inst. 15, 559 (1924); 
ibid. 20, T125 (1929). 





solvent above a solution of long molecules per- 
mits another test of the same thermodynamic 
behavior. The experimental results show that the 
solvent behaves, in the concentrated polymer 
region, as if it contained a perfect solute of much 
smaller molecular weight. Table II lists the 
actual molecular weights and the apparent molec- 
ular weights (extrapolated to the pure polymer) 
obtained from vapor pressure data on solutions 
of several long molecules. 

The surface tension is another property to 
which a similar thermodynamic approach may be 
made. As Table III shows, the surface tension of 
the higher normal paraffin hydrocarbons is 
virtually independent of chain length. Thus the 
unit effective in producing surface tension is seen 
to be the same for all these hydrocarbons. 

The effective segment size may be estimated 
from the temperature coefficient of surface ten- 
sion by applying Eétvés’ equation, d/dt(yV') 
=2.12. Table IV shows the actual and the 
effective molecular weights calculated in this way 
for some long molecules. The average effective 
molecular weight corresponds to a segment length 
of 12.5 atoms. 


C. SOLUTION OF GASES AND LIQUIDS 
IN POLYMERS 


As the results of the previous section have 
indicated, a pure polymer contains unoccupied 
equilibrium positions large enough to permit the 
motion of segments. After a gas or a liquid has 
dissolved in the polymer, these cavities may be 
expected to be filled by the small molecules. 
From this simple picture the following results are 
to be predicted: 
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(1) Since cavities are being filled up, there will 
be a net decrease in volume. Swelling is known to 
be accompanied by such a net decrease, as 
Table V shows for the swelling of some substances 
in water.® 

(2) Since the cavities are not a function of the 
total chain length the swelling process will not 
depend on the degree of polymerization. Experi- 
ments on the swelling of cellulose nitrate in 
acetone indicate that the swelling pressure or the 
vapor pressure for a given amount of acetone is 


® Cf. H. Freundlich, Kapillarchemie, Vol. 2 (Akademische 
Verlagsgesellschaft, Leipzig, 1932), p. 650. 
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independent of chain length over a range of 
molecular weight of 132,000 to 443,000.'° 

(3) Since there are no longer thermodynami- 
cally equivalent cavities for the segments to 
move into, the polymer molecules must effectively 
assume a more restricted configuration. The 
process will involve a decrease in entropy, which 
will be superimposed upon the normal entropy 
increase of mixing. Table VI gives the abnormal 
entropy change found in the solution of gases in 
several polymers and in the swelling of several 
polymers in water. 


10 G. V. Schultz, Naturwiss. 25, 346 (1937). 
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The peculiar condensation in phase space of ideal Bose-Einstein gases is discussed when 
the internal energy states of the atoms or molecules is taken into account and when the gas of 
atoms without internal structure is placed in an external conservative field of force. The 
inclusion of the internal energy states decreases while the application of the external field 
increases the condensation temperature from its value in absence of either of these causes. 
The transition phenomenon, apart from the preceding change in the condensation tempera- 
ture, proceeds in the same way as in the case of the free gas atoms without internal structure; 
in particular, the order of the transition remains invariable, as the continuity of the heat 
capacity at constant volume is maintained at the transition point. 


HE practical importance of the peculiar 

condensation phenomenon predicted by 
Einstein! for ideal monatomic gases which follow 
the laws of the Bose statistics has considerably 
increased recently. It forms the basis for the 
tentative explanation suggested by London? for 
the well-known transition occurring in liquid 
helium. On the other hand, there seems to exist 
a formal analogy between the analytical formu- 
lation of this quantum condensation of ideal 
Bose-Einstein, B-E, gases and that of the con- 
densation of ordinary gases proposed by Mayer® 
on the basis of classical statistics. Furthermore, 


‘A. Einstein, Ber. Berl. Akad. 26i (1924), 3, 18 (1925). 
(1938) London, Nature 141, 643 (1938); Phys. Rev. 54, 947 
* J. E. Mayer, J. Chem. Phys. 5, 67 (1937); cf. also G. E. 
Uhlenbeck and B. Kahn, Physica 5, 399 (1938). 


this quantum transition presents apparently 
some features which resemble those found in 
some phase transitions of higher order. In view 
of the preceding connections of the B-E con- 
densation it seemed interesting to discuss some 
aspects of this phenomenon. We discuss below 
the influence of the internal atomic energy states 
on the behavior of an ideal B-E gas as well as 
that of an external conservative field of force 
acting directly on the motion of the center of 
gravity of the gas atoms. 


I 


We will assume without reducing the generality 
of the discussion that the internal states of the 
ideal B-E gas atoms form a discrete spectrum 
and we will denote by W, the energy of the nth 
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state. It is well known that with each W,, is 
associated a particular distribution function. 
This gives at temperature JT the average number 
’ of atoms, of mass m, per cell h® in the state W,, 
their center of gravity having the kinetic energy 
p?/2m. With B=1/kT, k being Boltzmann’s 
constant, the distribution function is given by 


&ng(p)dp 


extBWntBp?/2m_ 4’ 





dN[B(W,+p*/2m) ]= 


gn being the multiplicity of the state W, and a is 
defined through the total number WN of the gas 
atoms. We get with the usual expression of g(p) 
for spinless point particles in a volume V, 


~ % *4rV p>dp 
N=> dNa=¥ gm f 
0 


n=0 n=0 h® eatBW nt+Bp?/2m a 








V ) 
= eal LX gnF(at+BW,), (2) 


n=0 


where 
F(x)=3 #0! (2a) 
A=1 


is a monotonously decreasing function of its 
argument. Assuming now that g, is finite for all 
n and with the just-mentioned behavior of F(x) 
one sees that the sum in (2) is finite. Therefore 
the maximum number of atoms which, following 
(2), can be accumulated in the gaseous phase is 
given, for V and T fixed, by the maximum value 
of the right-hand side of (2). The only variable 
parameter is here a and it is clear that the 
maximum value of the right-hand side of (2) 
corresponds to the smallest admissible value of a. 
This minimum of @ is determined by the condi- 
tion that the numbers (1) be always positive. As- 
suming that, approximately, the lowest possible 
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where 7; is defined by (5). 


(1). 
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value of the momentum ) is practically zero, 
the volume V of the gas being of macroscopical 
dimensions, one sees that 


where W, is the energy of the fundamental state 
of the gas atoms. With 


a’ =at+BWo (3a) 
(2) becomes 


V x 
N= _(2xmkT)} DX gnFla’+B(W,—Wo)] (4) 


n=0 


and, with (3), for V and T fixed, the maximum 
number of atoms in the gaseous phase as de- 
scribed by (1) and (2) is 


r, 


V @ W,- Wo 
N=—(2rmkT)? + eoF( — ). (5) 
h8 n=0 kT 








If N and V be fixed, then the root 7; of the 
preceding equation defines the transition tem- 
perature below which some of the atoms must go 
over, or must condense, into some states which 
were not counted in (2) or which were counted 
wrongly. It is indeed a well-known fact that the 
weight function g(p) used in (2) is a very rough 
approximation for p small. In order to get a 
better approximation than (2) one may make a 
summation over the low-lying discrete free 
particle levels of the motion of the centers of 
gravity up to a certain value of the momentum 
p and integrate over the rest of momentum 
space using the weight function g(p). In a first 
approximation it is sufficient to add to the 
right-hand side of (3) those atoms whose center 
of gravity is practically at rest.4 One obtains 
thus, after division by N, instead of (4), 


W,.- —) 


> gn a’ + 
28 (« kT 








T 
+( ) : (6) 
T; wn W, ae W, - 


At temperatures 7 >T7; the last term on the right-hand side of (5) cannot be reduced to unity 
unless a’ is large enough. The first two terms can now be neglected since their numerators are ex- 


‘For a justification of this procedure reference 2 should be consulted. 
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tremely small numbers, N being enormous; their denominators being at least of the order of unity. 


One gets thus 
E W,— Wo 
E wF(a'+—"——) 


i  n=0 T 
ag : 
. . W,—Wo 


which is the same as (4), remembering the definition (5) of Ty. 

At temperatures 7 <T;, the last term on the right-hand side of (6) is certainly smaller than unity 
and the first two terms must maintain now the equality. The second term, however, still will be 
negligible no matter how small the parameter a’ is and we will leave it aside from now on. The first 
term becomes of the order of unity if a’ is of the order of 1/N, i.e., extremely small. We may neglect 
a’ in the third term and we thus get, in a first approximation, for the number (go/a’) atoms which are 
not excited and whose center of gravity is practically at rest 








~I 
ed 











> F( = —) 
CO kT 
ev ee (-) (8) 
T; . r( W,- —) 
gs. ——— 
I n=0 kT; = 


the remaining (N— No) atoms being distributed over the higher situated cells of phase space. Thus, 
at temperatures 7 >7; the number of atoms in the lowest states of the motion of their center of 
gravity is altogether negligible, as soon as 7 <7;, however, a finite fraction of the gas atoms con- 
denses in these states. The noncondensed part is distributed in phase space following the distribution 
law 


ng(p)d 
iN.= &ng(b)dp ts 


e8(Wn—Wo)+Bp?/2m _ 4 





The condensation takes place in phase space or momentum space as London? has already pointed 
out and no separation in two phases can occur here as in the case of ordinary fluids. The condensed 
and noncondensed fractions of the gas remain mixed intimately in space, they are distributed both 
over the whole volume. 

It seems interesting now to comment shortly on the condensation temperature 7; defined by (5). 
This relation can also be written as 





, () 1 : _) ao) 
= pag! prey Zn ee ’ 
To F(0) n=0 kT; 
where 
N $ fe 
To= ( ) (10a) 
V-F(O)7 2xmk 


is the condensation temperature of an ideal B-E gas of spinless atoms of the same mass as those under 
discussion, with the same concentration but which are supposed to have no internal states at all. 
Equation (10) shows clearly that T;< 7». In the particular case where W,—W.>kT>» for all n, 
practically the first term of the sum has to be retained and one gets then 

T;= To/go', (10b) 


go being the multiplicity of the fundamental level of the gas atoms. To the preceding trend of the 
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condensation temperature the discussion of ideal paramagnetic or polar B-E gases in uniform mag- 
netic or electric fields provides a particularly instructive example. 
It is easy to calculate now the average energy of the gas. At temperatures 7 >7; one finds 


V x W,— Wo 3 W,.— Wo 
Ur>r;=—(2rmkT)' & e| W.F( a'+—"_—") +54T6( a+) |. (11) 
hs n=0 kT 2 kT 
where 
G(x) = >> e*/nX3. (11a) 
Awl 
At temperatures 7 <T7,, one finds 
V — W.-W 3 W.-W. 
Ur<t;= NoWo+—(2rmkT)' > eo W. r(——) +376(—"——*) | (11b) 
h8 n=0 kT 2 kT 


where the first term gives the internal energy of the condensed fraction of the gas. 

It is easily seen that the energy is continuous at the transition point. A closer examination, whose 
details although interesting will be omitted here, shows that the heat capacity at constant volume of 
the gas is also continuous. The different thermodynamical properties of the gas can be calculated 
by the usual methods.® 


Il 


The inclusion of the internal energy states of the atoms or molecules forming the ideal B-E gas 
influences indirectly the motion of their center of gravity ; these energies being equivalent to constant 
potential energies for the motion of the center of gravity of the atoms. We should like to discuss 
below the direct influence of an external conservative field of force on the motion of the atoms. For 
more simplicity we will leave aside now the internal states; their inclusion does not seem to present 
any difficulty. 

Let U(xyz) be the potential energy function of an atom in presence of the field. At temperature T 
the average number of atoms per phase cell h® centered around the point (xyz, p), p?/2m being the 
kinetic energy associated with the cell, is given by 


4 dxdydzp*d 
dN (xyz, a ns (12) 


h eatBU (xyz) +8p?/2m =i . 





where the parameter a is determined by the total number N of the gas atoms. Before proceeding 
further it seems useful to transform slightly the preceding distribution function by choosing for the 
origin of the spatial coordinates that point where U is the smallest. If Up be this smallest potential 
energy at the so chosen origin, (12) retains naturally its form. With 


a’=a+BUy; U'(xyz) = U(xyz)— Uo (13) 


in the place of a and U, a’ will now be given by 


V ao era’ dxdydz ; 
N= f dN =—(2emkT)! f ess’ (14) 
he re V 








Since the numbers dW are necessarily positive, one must have, everywhere in V, 


a’+BU' (xyz) >0 
5 They have been given above 7; by G. N. Lewis and J. E. Mayer, Proc. Nat. Acad. Sci. 15, 208 (1929). 
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and, therefore, the right-hand side of (14) is bounded. Its maximum value, V and T being given, is 


dxdydz 
- 





V o 1 
N=—(2rmkT)} > — few (14a) 
h? r=1 3 V 


The fact that the right-hand side of (14) is bounded for all admissible values of the parameter a’ is 
a necessary and sufficient condition for the occurrence of the B-E condensation i.e., condensation in 
phase space, as for the free gas. The preceding relation defines the condensation temperature 7; as 
the root of (14a) for N and V given. With 








- Th Sonal dxdydz _ 
F(a’ +pU’)=> _ few , F(a’)= F(a’) (15) 
A=1 J} Vv V 


the condensation temperature is given by 


T;\} F(U'/kT;) 
=) ae “ 
To F(0) 


where 7» is the condensation temperature of the free gas, under the given concentration ; it is defined 
by (10a). One sees here, remembering the behavior of F(x) that 


T;2To 


i.e., the presence of an external conservative field of force acting on the motion of the center of 
gravity of the atoms cannot but increase the condensation temperature of the gas above its value in 
absence of the field. 

In reducing the temperature of the gas below 7;, a certain number of the atoms have to leave those 
phase cells which were counted in (14) and go over to such cells which have been left out there com- 
pletely or partially. The situation is here entirely analogous to that encountered in the case of a 
free gas. The distribution function (12) cannot be expected to give acceptable results for those phase 
cells which are associated with small momenta. One may improve (14) by grouping together all such 
cells whose momentum is contained in a small sphere of radius 6p and those whose momentum lies 
between 6p and ~. We get thus 








4r(5p)*V ¢ dxdydz/V V 2 *  tdtdxdydz/V 
N= f f f (17) 
1 v3 


+—(2rmkT )i— 
3h® h® 


-extBU' 4 Va Jydge e2 HBU'+t-(3/ 58 — 1 


where 
a’ =a'+2Be; Be=B(p)?/2m<1, 


38 being the average kinetic energy of the lowest cell group. Dividing by N using (16) and remember- 
ing that U’(xyz) vanishes in the neighborhood AV of the origin, one gets 


et Ante)? (V—a) f dxdydz/(V—AV) 
(V—AV) 
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go being the number of phase cells with the smallest momenta and potential energy. The preceding 
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relation is a generalization of that found above (Eq. (6)) in the discussion of the condensation of a 
free gas with internal states. 

Consider first the case of high temperatures; 7 >T7,;. The third term on the right-hand side cannot 
be reduced to unity unless a’ is large enough. Since Be is, by assumption, a very small number, it 
can be neglected now; the same is true for the first two terms which have N, an enormous number, 


in their denominators. One gets thus 
T \! F(a’’+BU’) 
'-(—) —_-——---—, (19) 
T;7 F(U'/kT;) 


which is the same as (14). 

At temperatures T<7;, the third term on the right-hand side of (16) is certainly smaller than 
unity and the first two terms have to be finite in order to maintain the equality. Since now the only 
variable parameter is a’’, one sees here that no matter how small a’’ is the second term remains always 
extremely small on account of having N in its denominator. It is thus justified to neglect it. The 
first term becomes of the order of unity if a’ is extremely small, of the order of go/N or 1/N, since go 
is very small in comparison to N. In the third term a’ can now be left out and also, to a first approxi- 
mation, fe, the integral over ¢ being extended now from 0 to ~. We get finally, to this degree of 
approximation, 





i= 


Zo T\! F(BU’) 
(2), ” 


No" \T,/ F(U'/RT,)' 


which shows that as soon as the temperature becomes smaller than 7,, a finite fraction of the atoms 


F(BU’) 
(2) A, a 
Nel — T;} F(U'/kT;) 


accumulates in those phase cells which are associated with the smallest momenta and potential en- 
ergy. In other words, the condensation of the gas in phase space proceeds in the presence of an external 
conservative field of force as could have been expected on the basis of the distribution function (12). 

The remaining (N— No) atoms form the completely degenerate noncondensed part of the gas with 
the distribution function 





4nr dxdydzp*dp 
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The average energy of the gas is easily obtained now. One gets; 


NU, 3 G(a’+BU’) 
T>T;; E,=———+-NRT——_,, (23a) 
F(a’+BU’) 2 F(a’+BU’) 
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and use has been made of ( 14) and (15). Below the condensation temperature one gets 
; U_ 3 T\3 G(BU’) 
—N (—) kT 


T\3 
T<T;; E_= novo W(—) ———_——_—+-— — (23b) 
P(U'/kT;) 2 \T,/ P(U'/RT;) 


where U_ is the same as U,(a’=0) and the relations (14a), (16) and (21) have been taken into 
account. One verifies the continuity of the energy at the transition temperature. The same is true 
for the heat capacity at constant volume as a closer examination, whose details, although interesting, 
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will be omitted here, shows. The other properties of the gas in presence of the field can be obtained by 
the usual methods. 

Thus the influence of an external conservative field of force as well as that of the internal structure 
of the gas atoms manifests itself mainly through a change of the condensation temperature of the 
ideal B-E gas from its value in absence of either of these causes. The other properties of the gas do 
not change essentially. In particular, the order of the phase transition remains invariable, the heat 
capacity at constant volume behaves in a similar way as that of the free gas whose atoms are supposed 
not to have any internal state at all (absence of discontinuity at the condensation temperature). 
As to the variations of the condensation temperature of the gas, they are confined to two different 
temperature intervals. The inclusion of, and possible effects on, the internal energy states reduces 
the condensation temperature below that of the structureless atoms with the same concentration. 
The external conservative field, on the contrary, increases the condensation temperature above that 
of the free gas of structureless atoms. The physical interpretation of these results correspond to the 


imposed increase or decrease in the intensity of the peculiar attractive forces responsible for the 
condensation of ideal B-E gases. 
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The Theory of the Hydrogen Overvoltage 






J. A. V. BuTLER 
Rockefeller Institute for Medical Research, Princeton, New Jersey 
(Received February 15, 1941) 








N recent papers,! Eyring, Glasstone and_ is out of harmony with the original postulate 
Laidler have applied the ‘‘transition state’’ of the method. The authors do not make it very 
theory to the hydrogen overvoltage and have clear what they picture to be the transition state, 
reached the conclusion that the rate of liberation to which they apply their calculation. But the 


of hydrogen at cathodes, when allowance is 
made for the differences of activation energy, is 
independent of the hydrogen ion concentration 
and they conclude that the rate determining step 
in the formation of hydrogen “involves a water 
molecule” rather than hydrogen ions. This con- 
clusion depends on the finding that in the relation 


T= Iye¥F/RT. 
where ’ 
Tp = Be-S#°/RT, (1) 


the constant B is independent of the hydrogen 
ion concentration of the solution, so that for a 
given overvoltage the current is determined 
entirely by the activation energy AH® of the 
process; hence it is concluded that the process 
cannot involve hydrogen ions. 

It may be remarked first that this conclusion 
1 Eyring, Glasstone and Laidler, J. Chem. Phys. 7, 1053 


(1939); Trans. Electrochem. Soc. 76 (1939); Kimball, 
Glasstone and Glassner, J. Chem. Phys. 9, 91 (1941). 


change is fundamentally the neutralization of 
hydrogen ions or protons and it would appear 
that the transition state must be, or involve a 
proton in some state intermediate between the 
initial ionic state and the final neutralized state; 
and the concentration in such a neutralized state 
will be proportional to the acidity of the solution. 
On any reasonable view the “transition state” 
theory would therefore lead to the rate for a 
given activation energy being proportional to the 
hydrogen ion concentration of the solution. 

But, in fact, the data on which the authors 
base their contention support equally well the 
alternative expression : 


p= B’(Ht e227 (2) 


in which the rate is represented as proportional 
to the hydrogen ion concentration for a given 
activation energy. This follows if it is remembered 
that in alkaline solution of a fixed hydroxyl ion 


TABLE I. 





| 
| Loc (1o/ [H*]) | AH. | ane Loc B’| Loc B 
| 





Electrolyte 0.2 N, H2SOu* 


1 
ze. 
1 
1 





—! 


PSUS 


Mercury 
Gallium 

Wood's alloy 
Bright platinum 
Palladium 


WNON® 





Electrolyte 0.2 N, 


—4.9 —1.8 
—6.6 . —1.9 
—3.6| 5S. 2.3 





| 
Mercury 
Bright platinum 
Palladium | 




















* In making these calculations [H*] has been taken as 107! in the 
acid solution and 10-8 in the alkaline solution. 


concentration, the hydrogen ion concentration 
varies with the temperature and allowance must 
be made for this fact in estimating AH in alkaline 
solution. The apparent value of AH in these 
solutions, which is used in the papers cited, is 
evaluated by 


(“ log “) AH,° 
, 


(3) 


d(i/T) R 


and differs from the value for constant hydrogen 
ion concentration by the factor 


dlog [H+] dlog K.. 
d(i/T) 


AH, 
d(i/T)  R 





where K,, and AH, are the conventional ioniza- 
tion constant of water and the heat of ionization. 
Hence we must use the value AH®=AH,°—AH,, 
for the data in alkaline solutions. AH, is taken 
as 13.6 kcal. Table I shows B evaluated according 
to (2), using the values of AH® which are obtained 
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directly by (3) for the acid solutions and the 
corrected values for the alkaline solutions. The 
constancy of B’ is, on the whole, better than that 
of B in (1). 

The negative values of AH® in alkaline solu- 
tions which appear in this calculation need not 
be regarded as objectionable, as this AH® is a 
composite quantity. The acid present in these 
solutions is water and it is immaterial whether 
the acidity is represented by the conventional 
hydrogen ion concentration (H;0+/H.O) or by 
(Kw~:H,O0/OH-). 

We may note in conclusion that (2) is con- 
sistent with the picture of the hydrogen over- 
voltage worked out by the writer.? The difficulty 
discussed by Kimball e¢ a/.! that V in (1) repre- 
sents the overvoltage, whereas their theory 
requires it to be the total potential difference at 
the electrode, does not appear to exist in this. 
As Bowden showed,’ the activation energy at 
any overvoltage V is AH] =AH®—aFV; hence (2) 
may be written as 


I =B’(H+]e~4#/87, 


which is true for any solution or electrode poten- 
tial. We should also expect AT=AH°—aFV to 
hold good for the change of the revisible electrode 
potential produced by changes of pH. Actually 
the data cited are not consistent in this respect, 
i.e., the change from acid to alkaline solutions 
does not produce a constant or regular change of 
AH®, which makes one suspect that some other 
factor such as a change in the nature of the elec- 
trode, which might be produced by the deposition 
of impurities, is involved. 


2 Butler, Proc. Roy. Soc. A157, 423 (1936). 
3 Bowden, Proc. Roy. Soc. A126, 107 (1929). 
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Polarization of Ions and Lattice Distances 


KASIMIR FAJANS 
Department of Chemistry, University of Michigan, Aun Arbor, Michigan 
February 12, 1941 


HE considerable deviations from additivity shown 

by the molar refraction of inorganic compounds 
(cf. Fig. 1a) have been considered! in the main as a result 
of two effects. 

(1) The tightening of the anion in the field of the cation. 
(2) The loosening of the cation in the field of the anion. 

The magnitude of these changes depends on the field 
strength of the polarizing particle and on the polarizability 
of the other. A few data concerning the relative polariza- 
bilities of the ions and molecules involved in the discussion 
of this and the next two letters will be helpful. The values 
given represent the refraction (D line) in cc/mole; in the 
case of the complex ion ClO,~, the refraction per single 
oxygen octet is taken as the measure of the polarizability, 
for the unsymmetrically bonded NO;~ somewhat more 
than 3 of its refraction. The values for Nat to Cs* lie 
between 0.5 and 6.5, for F~ to I~ 2.5 to 19, O= to Te= 7 
to 41, H.O 3.7, } ClO, 3.3, NO;~ ca. 4, H~ ca. 7, OH~ 4.8, 
Agt 4.8. 

The radius of particles of similar structure being assumed 
proportional to the cube root of the molar refraction, one 
would expect the interionic distances to show similar 
although smaller deviations from additivity due to 
polarization. 

Until now, the interionic distances of only the silver? 
and thallous halides? when compared with alkali halides 
were recognized as showing deviations from additivity in 


TABLE I. Interionic distances in A.* 








Na K Rb | Cs | Ca Sr 


2.403 | 2.786 2.40; | 2.573 
0.093 | 0.120 0.041 | 0.070 
2.310} 2.666 2.360 | 2.503 
0.139 | 0.184 
2.440 | 2.850 








2.82 | 3.004 
0.20 | 0.184 
3.02 | 3.188 














_ “From the best determinations according to the Strukturbericht, 
Vols. I-IV, 1913-1936. 


JOURNAL OF CHEMICAL 


PHYSICS VOLUME 9 
the expected direction. Both cations are not of the noble 
gas type, and it is of importance to show that the effect 
can be found also when only ions of noble gas structure 
are involved. All compounds in Table I of the type AB 
have the sodium chloride, those of the type ABs, the 
fluorite structure. 

As the three sets of differences show, we have in all 
cases systematic deviations from additivity which for 
H-~—F- amount to 8 percent of the lattice distance. As 
the anions appear to be of nearly equal size for the Li 
and Ca compounds it is not possible to explain these 
deviations from additivity by the “radius ratio’’® effect 
of rigid ions. 

The difference between oxide and fluoride and between 
hydride and fluoride becomes larger from Li to K, i.e., 
with decreasing field strengths of the alkali ion, and the 
same holds for the comparison of the oxides and fluorides 
of the doubly charged cations. As the polarizability of O= 
and of H™ is considerably larger than that of F~, one has 
to conclude that the decrease of the size of the anion in 
the field of the cation contributes distinctly to these 
deviations from additivity. Furthermore, the fact that 
the value of H~—F~ has a maximum for Rb shows that a 
second effect is involved which can be interpreted as a 
stronger loosening action of the F~ compared with the 
H~- on the more easily polarizable cations. 

We can now arrive at some new conclusions comparing 
the lattice distances of silver and sodium salts. (Table IT.) 

The great deviations from additivity shown by the 
halides were explained® by the stronger polarizing action 
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Fics. la and 1b. Differences between the molar volumes and molar 
refractions of solids and the corresponding apparent quantities in aque- 
ous solution. 
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TABLE II. Lattice distances in A.f 








F | cl | Br | I | ClO 


2.452 2.773 2.886 (3.05) 3.50 
+0.132 | —0.041 | —0.095 | —0.18 —0.04 
2.320 2.814 2.981 3.231 3.54 





Ag 
Ag* —Nat 
Na 








+ All the values (see footnote to Table I) apply to sodium chloride 
structure, which AgClO, and NaClO, have at high temperatures above 
155° and 314°C, respectively. (For the new value for AgF we are 
indebted to Professor L. S. Ramsdell.) 


of the silver ion, which does not possess the rare gas 
structure and the increasing polarizability from F~ to I-. 
However, the difference Ag+—Na* for the perchlorates is 
also considerably more negative than that for the fluorides, 
in spite of the small polarizability of ClO,~ and its greater 
separation from Ag*. This cannot be explained by ‘‘anion 
contact.” Thus it appears that the larger distance in AgF 
compared with NaF is mainly due to the loosening effect 
of the small F~ on the more easily polarizable Ag*. In 
cases where polarization effects can be neglected, one can 
consider the size of Ag+ and Na* as nearly equal, or 
probably that of Agt as a little larger. 


1K. Fajans and G. Joos, Zeits. f. Physik 23, 1 (1924). Cf. the list 
of later papers, e.g., K. Fajans, Zeits. f. physik. Chemie B24, 103 
(1934); A. Kruis, ibid. 34, 82 (1936). 

2K, Fajans, Naturwiss. 11, 165 (1923). 

3V. M. Goldschmidt, Norske Videns.-Akad., Oslo, No. 8, 72 eee). 

4Concerning the hydrides, cf. E. Zintl and A. Harder, Zeits. 
physik. Chemie B14, 265 (1931). 

§ Cf. K. Fajans and K. F. Herzfeld, Zeits. f. Physik 2, 317 (1920); 
L. Pauling, J. Am. Chem. Soc. 49, 765 (1927). 

6 Cf., e.g., K. Fajans, Cornell lectures, 1931. 





Molar Volume, Refraction and 
Interionic Forces 


KASIMIR FAJANS 
Department of Chemistry, University of Michigan, Ann Arbor, Michigan 
February 12, 1941 


HE data in the preceding letter show the important 
influence of the polarization of the ions on lattice 
distances and give a new support to the conclusions arrived 
at by the study of the deviations of molar refraction from 
additivity which were explained on the basis of the 
polarization (deformation) of the electronic systems. 

Th. Neugebauer! in a series of papers developed a wave 
mechanical theory of these influences. His conclusions 
agree in all respects with those derived from the experi- 
mental evidence and give a better theoretical under- 
standing of the relations involved. 

The view is generally accepted that when an anion and 
cation combine to form a molecule or crystal, their elec- 
tronic systems interpenetrate each other. As is implied in 
the calculations of Neugebauer and clarified by very 
valuable discussions with Professor Roger H. Gillette, 
this interpenetration is equivalent to an introduction of 
a positive charge into the electronic system of the anion 
and of a negative charge into that of the cation. 

From the above we can conclude that the addition of a 
cation to an anion leads to a diminution not only of the 
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refraction (polarizability) of the anion but also to a 
contraction of its volume. 

How large this effect can be is shown by the fact that 
the refraction of I~ is 19.2 cc/mole, that of HI is 13.7 
cc/mole and that the volume of these particles can, in 
first approximation, be assumed to be proportional to 
their refractions. 

An increase of the size of a cation is to be expected 
when it combines with an anion. 

In order to test whether the above expectations find 
confirmation also in the classical case of alkali halides, in 
Fig. 1b* are plotted the differences between the molar 
volumes of the solids and the apparent volumes of the 
salts in infinitely dilute solution. As the latter values are 
exactly additive within the experimental errors, the 
pronounced deviations from additivity revealed by Fig. 1b 
show clearly that they are due to the behavior of the 
volume of the solid salts. It is not possible to discuss the 
details in this short letter. It may only be emphasized 
that the general character of the deviations from additivity 
is the same as shown in the corresponding Fig. 1a by the 
molar refractions. Lithium iodide, in which we have to 
expect the strongest tightening of the anion, appears at 
the bottom of both figures; the fluorides, in which a 
loosening of the cation is expected, are at the top of the 
figures. 

The regularities of the Figs. la and 1b show some 
differences which are in part due to the much stronger 
influence of the ions on the volume of the solvent than on 
its refraction. 

A similar figure resulted, in an investigation with 
Mr. Norman Bauer, by plotting the differences between 
the corresponding values of the molar dispersion of light, 
(Ro—R..), of the alkali halides. The relative deviations 
from additivity are, in the case of dispersion, generally 
stronger than for the refraction. 

The deviations from additivity of the volumes of solid 
alkali halides shown by Fig. 1b were demonstrated long 
ago,? but were not understood at that time, by the method 
used in the above letter in discussing lattice distances; 
e.g., the difference between the molar volumes of iodides 
and bromides increases from 7.88 cc for lithium to 10.44 cc 
for rubidium. However, the difference in lattice distances 
in this case diminishes from 0.262A for the lithium salts 
to 0.227A for the rubidium salts. The explanation of this 
apparent contradiction follows simply from mathematical 
properties of the differences of distinctly different numbers 
and differences between their cubes. For the hydrides and 
fluorides of Li to Rb both the differences in volume’ and 
distance vary in the same direction due to the approximate 
equality of the corresponding values. So it is not neces- 
sarily an indication of the ions behaving as rigid spheres 
when the lattice distances sometimes do not show any 
appreciable deviations from additivity. 


* See preceding letter. 

1 Th. eres, Physik. cre 94, 655 (1935); 99, 687 (1936); 
Hungarian Acad. eo 337 (19 

2K. Fajans and H. G . Grimm, Drive f. Physik 2, 299 (1920). 

3Cf. Wilhelm Biltz, ‘Raumchemie der festen Stoffe (Leopold Voss. 
Leipzig, 1934), p. 166. 
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Incomplete Dissociation in Solutions of 
Strong Electrolytes 


KASIMIR FAJANS 
Department of Chemisiry, University of Michigan, Ann Arbor, Michigan 
February 14, 1941 


INCE 1927 the view has been held! that the change 
of the apparent molar refraction of strong electrolytes 
with concentration is due to the formation of combinations 
of oppositely charged ions coming in direct contact with 
each other without water molecules between them, i.e., 
due to the formation of undissociated particles.2 The 
investigation of the apparent molar dispersion? gave an 
additional strong support for this view as does, according 
to Neugebauer,‘ his result that the refractometric effects 
are due to the interpenetration of the electronic systems. 
The preceding letter leads to the conclusion that the 
formation of undissociated particles should be accompanied 
by a change of volume of the ions themselves. 

As has been known for a long time, in the infinitely 
dilute solution the attraction of the water by the ions 
causes a contraction of the surrounding water (electro- 
striction) thus diminishing the apparent volume (#) of 
the electrolyte. 

When the solution becomes concentrated two effects 
are involved which should cause an increase of ® for a 
completely dissociated electrolyte consisting of rigid ions: 
The electrostriction of the water removed is eliminated; 
the electric field of the ions is partly screened and its 
contracting action on the remaining water diminished due 
to the formation of Debye’s ionic atmosphere. 

The theory of the influence of the Debye effect® gives 
for small concentrations a limiting linear relation between 
& and v/c, the slope of which is 1.9 cc/(mole/liter)} for 
mono-monovalent electrolytes at 25°C. 

It has been found® that this theoretical slope holds for 
NaCl up to 0.4N, for higher concentrations the effect 
shows individual behavior for different electrolytes al- 
though the relation becomes again linear.’ Figure 1 gives 
a small selection of the available data.® 

One can expect that if the individual behavior of 
different electrolytes were due exclusively to interionic 
forces between rigid ions those electrolytes which have 
equal osmotic or activity coefficients would come near 
each other also in respect to their slopes for the ® vs. «/c 
lines. This is not at all the case; e.g., among the electro- 
lytes given in Fig. 1, KF and NaBr have nearly equal 
osmotic coefficients but the slope of KF (3.35) in Fig. 1 
is very much larger than that of NaBr (1.80). The com- 
parison of a large number of cases with similar coefficients 
shows that the factor which is responsible for this dis- 
crepancy is the influence of the mutual polarization of the 
ions on their volumes. 

A comparison of Fig. 1 with Fig. 1b (see page 281) 
shows at once that those salts for which the apparent 
volume increases strongly when their ions are brought 
from the infinitely dilute solution into the direct contact 
in the crystal have the largest slopes in Fig. 1. On the 
other hand Lil which is at the bottom of Fig. 1b on 
page 281 has the smallest initial slope among the salts. 
The simplest conclusion is that the change of volume 
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Fic. 1. Difference between the apparent molar volume at the molarity 
c and at infinite dilution as a function of s/c. The numbers on the 
curves refer to the slope in cc/(mole, liter)?. 
in concentrating the solution is due not only to the screen- 
ing of the field of the ions but also to an individual effect 
caused by their interpenetration. The strongest evidence, 
however, which can be derived from Fig. 1 for the con- 
clusion that concentrated solutions of strong electrolytes 
contain appreciable amounts of undissociated particles is 
given by the behavior of HI, for which a considerable 
negative slope was found.® 

It was mentioned in the preceding letter that the intro- 
duction of the proton into the iodide ion diminishes its 
refraction and consequently its volume by about one-third 
of the initial value. A mere association of OH;* with I~ 
must also cause a very considerable effect in the same 
direction. Thus the negative slope of the HI curve must 
be explained by the predominance of one or both of these 
effects over the effect of the diminution of the electro- 
striction. The small cation Lit is next to the proton in 
the deforming power and we see in Fig. 1 that the curves 
for Lil and LiBr, after an initial rise, go through a maxi- 
mum and fall at high concentrations. 

I thank Mr. Norman Bauer very much for valuable 
discussion. 


1K. Fajans, Trans. Faraday Soc. 23, 357 (1927). List of later papers 
cf. reference 1 of preceding letter, ‘Polarization of lons and Lattice 
Distances.” 

2 See however, A. I. Brodsky, Zh. M. Shershever and N. S. Filippova, 
Chem. Abstracts 33, 9074 (1939). 

3Cf. A. Kruis, reference 1, of preceding letter on ‘Polarization of 

Ions and Lattice Distances.” 

4See reference 9 of preceding letter entitled ‘‘Molar Volume, Re- 
fraction and Interionic Forces."’ 

5 O. Redlich and P. Rosenfeld, Zeits. f. eee em 37, 705 (1931). 

6 A. Kruis, Zeits. f. physik. Chemie B34, 1 (1936). 

70. Masson, Phil. Mag. 3i5! 8, 218 (1929). W. Geffcken, Zeits. f. 
physik. Chemie A155, 1 (193 

8 The values for alkali Stee are taken from the paper of W. Geffcken 
(reference 7). For calculation of the other values, as well as of many 
data on which the conclusions of this and the above letter are based, 
I am very much indebted 1" Mr. Oliver Johnson. 

*R. Liihdemann, Zeits. f. physik. Chemie B29, 133 (1935). 
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The Entropy of Surface Formation 


WortTtH H. RODEBUSH 
University of Illinois, Urbana, Illinois 
January 14, 1941 


ITHIN recent months several persons have re- 
marked upon the fact that an increase in entropy 
always accompanies the formation of a free surface. One 
might be inclined to think at first that the cleavage of a 
mass of liquid into two parts with the formation of surfaces 
must restrict the motion of the molecules and in some way 
decrease the entropy. This is, of course, faulty reasoning. 
The entropy of a molecule depends upon what it is doing at 
the present instant, not upon what it may do eventually by 
some slow process such as diffusion. For example, the 
introduction of a partition into a gas chamber does not 
change the entropy. 

It is possible, however, by postulating a very crude 
model of a monatomic liquid, to make an approximate 
calculation of the increase in entropy that takes place when 
a surface is formed. The Einstein theory of specific heats 
treats a monatomic solid as though it were made up of 
harmonic oscillators all of the same frequency vo. The 
entropy of such a solid at higher temperatures is given by 
the expression 

S=nk([In (RT/hvo) +3]. 
This result actually differs from that given by the Debye 
equation by only nk entropy units and the Debye equation 


is, of course, quite exact. 
Now let us assume that each atom in the surface of a 


monatomic liquid has only one mode of vibration normal 
to the surface in which each atom oscillates as an individual 
with a frequency vo. Then the entropy associated with this 
mode of vibration at higher temperatures becomes for 1 cm? 
of surface 


S=nk[In (kT/hvo) +1] 


where is the number of atoms per cm?. 

Let us now suppose that two surfaces of liquid are 
brought in contact so the atoms which were in the surface 
now are found within the body of the liquid. The motion of 
each atom is now constrained by an atom above, as well as 
an atom below, whereas when the atom was in the surface 
it was constrained only by the atom beneath. If the atom 
continues its individual mode of vibration as before, the 
frequency will now be greater, 


p= v2 yo. 
Hence the entropy of the atoms which originally occupied 
1 cm? of surface area will be 
S=nk([in (RT/hv2v9) +1] 
or a decrease in entropy 
AS=—nk |n v2. 

The Ramsay-Shields-Eotvos equation, as usually written, 
; y(M/d)t=c(T.—T-—6). 
If we differentiate with respect to the temperature we 
obtain as a first approximation 


(M/d)idy/dT = —c=-—S 
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where S is the entropy of formation of a surface containing 
0.71 X 10'* molecules. This is the value of ” to be used in the 
expression above 


S=0.71 X 10! X 1.37 X 10716 In v2 
= 0.34. 


The value for the Eotvos constant C usually lies between 1 
and 3. It is interesting that a calculation for a crude model 
in which the molecules are considered to be linear oscillators 
should give the correct order of magnitude for this constant. 





Association of Phenols 


WortH H. RopEBUSH AND C. KRETSCHMER 
University of Illinois, Urbana, Illinois 
February 8, 1941 


ECENT studies in this laboratory! upon the dielectric 

polarization of solutions of alcohols in carbon tetra- 
chloride have shown certain general characteristics in 
their behavior. The total polarization curves at low 
temperatures show a decrease in slope at concentrations 
where association begins to be considerable, indicating 
that the effective moment of the complex formed is 
considerably less than that of the separate molecules. At 
higher temperatures the total polarization curves are more 
nearly linear, with the result that the curves at different 
temperatures tend to cross at or near a concentration in 
dilute solution which we have termed the inversion point. 
Various types of alcohols have shown this behavior, 
including cyclohexanol and benzil alcohol. Phenol, how- 
ever, is a conspicuous exception. The total polarization 
curves are nearly linear at all temperatures and no crossing 
occurs. One may conclude at once that the association of 
phenol is less than that of the alcohols. This is undoubtedly 
true, but infra-red studies and other observations show 
that the degree of association, while less for the phenol 
than for tertiary butyl alcohol, for example, is not of a 
different order of magnitude. The polarization curves at 
lower temperatures where the association is considerable 
should, therefore, resemble those of the alcohols and one 
suspects some other factor. 

There is only one way for two alcohol molecules to 
associate. The two hydroxyl groups must come together 
with a greater or less opposition of the moments, depending 
upon the degree of symmetry. 

In the case of phenol, this type of association may 
occur, but the tendency for it to occur must be greatly 
reduced by resonance. The higher ionization constant of 
phenol is explained by resonance; but three of the reso- 
nance forms involve the disappearance of the free pair of 
electrons on the oxygen which are necessary for hydrogen 
bonding. On the other hand, these resonance forms must 
have a free pair of electrons upon a carbon atom in either 
the ortho or para position. If the bond were with the para 
carbon, a marked augmentation of the moment would 
occur. The over-all average effect for the various possible 
complexes might, therefore, account for the fact that the 
polarization of phenol is so nearly a linear function of the 
concentration. 


1 W. H. Rodebush, C. R. Eddy and L. D. Eubank, J. Chem. Phys. 8, 
889 (1940). 





LETTERS TO 


Thermal Anomaly in Anhydrous Copper Sulfate 


J. W. Stout* 
Department of Chemistry, University of California, Berkeley, California 
February 12, 1941 


N connection with an investigation of the application 

of the third law of thermodynamics to paramagnetic 
substances, measurements have been made of the heat 
capacity of anhydrous copper sulfate. The heat capacity 
curve shows an anomalous behavior at low temperatures, 
exhibiting a maximum at 34.8°K. The data are shown in 
Fig. 1. The first series of measurements, indicated by 
solid circles, extended from 15°K to room temperature. 
In order to investigate more carefully the shape of the 
curve in the neighborhood of the anomaly, a series of 
short heat capacity measurements, indicated by open 
circles, was made between 27 and 41°K. The calorimeter 
was then cooled to 34°K and a third series, indicated by 
triangles, was taken. In the last two series each measure- 
ment in the anomalous region covered a temperature 
interval of about 0.6°K. There is no evidence of super- 
cooling in the third series of measurements and in all 
measurements the resistance thermometer readings after 
the introduction of energy showed no slowness in the 
attainment of thermal equilibrium. 

The copper sulfate was in the form of a fine powder 
prepared by dehydrating the hydrated salt at a tempera- 
ture of 250°C. The measurements were made with a 
vacuum calorimeter and apparatus similar to that de- 
scribed by Giauque and Archibald.! 


Fic. 1. Heat capacity in cal. 
deg.-! mole“! of anhydrous 
copper sulfate. 


Temperature, °K 
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The magnetic susceptibility of anhydrous copper sulfate 
has been measured at low temperatures by de Haas and 
Gorter.? The magnetic measurements indicate that at the 
temperatures of liquid hydrogen the magnetic ions have 
reached some ordered arrangement corresponding to zero 
entropy while at higher temperatures they approach a 
random distribution between the two states available for 
each ion and so have a magnetic entropy of Rln 2. The 
hump in the heat capacity curve is associated with the 
loss of the magnetic entropy. In an attempt to evaluate 
the entropy due to the anomalous portion of the curve, a 
“normal” heat capacity curve, shown by the dotted line 
in Fig. 1, was drawn. The entropy above the dotted curve 
is 0.48 cal. deg! mole“ rather than RIn 2=1.377. 
Apparently the magnetic entropy increases gradually 
above 40°K so that it is not feasible to separate the heat 
capacity due to magnetic effects from that of the crystal 
lattice. 

Recently Van Vleck? has presented a theory of anti- 
ferromagnetism in which the magnetic interaction is taken 
as a Heisenberg exchange coupling favoring antiparallel 
alignment of the spins. The theory is based on a model 
similar to that in the Weiss theory of ferromagnetism. 
According to this model the magnetic heat capacity 
should rise gradually to a maximum of 2.98 cal. deg.~ 
mole at the Curie temperature and then drop abruptly 
to zero. At the Curie temperature the complete magnetic 
entropy of Rin 2 has been acquired. The measured heat 
capacity curve of copper sulfate does not resemble that 
calculated for the model used in Van Vleck’s theory. The 
use in the theory of an inner field, vanishing at the Curie 
temperature, to represent the magnetic interactions is 
probably the reason for the discrepancy. The entropy 
calculation mentioned in the last paragraph shows that 
the magnetic interactions must affect the heat capacity 
at temperatures well above that of the maximum in the 
curve. 


* Fellow of the Lalor Foundation 1938-1939. Now at the Massa- 
chusetts Institute of Technology. 

! Giauque and Archibald, J. Am. Chem. Soc. 59, 561 (1937). 

2 de Haas and Gorter, Comm. Phys. Lab. Leiden, 215a@ (1931). 

3 Van Vleck, J. Chem. Phys. 9, 85 (1941). 





